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ABSTRACT
This thesis reports investigations related to the interactions between
a) cyclodextrins and cephalosporins and
b) crown ethers and lithium salts in solvents currently used in battery technology.
As far as cyclodextrins are concerned, their thermodynamics o f complexation with 
cephalosporins in water reveal that a-cyclodextrin shows no selective complexation 
with these drugs (enthalpy-entropy compensation effect) while P-cyclodextrin only 
interacts with sodium cefuroxime. No interactions between y-cyclodextrin and these 
drugs are observed. These thermodynamic findings are corroborated by NMR 
studies, leading to the conclusion that the host cavity size plays an important role in the 
binding o f cyclodextrins with these drugs in water.
As far as crown ethers (12 crown 4 and 1-benzyl-1-aza-12 crown 4) are concerned, the 
thermodynamics o f complexation derived fi-om titration microcalorimetry reflect that in 
acetonitrile and in propylene carbonate, the stabilities o f lithium-crown ether 
complexes are high enough as to proceed with their isolation. Thus, eight lithium 
coronand salts were isolated. The thermochemical behaviour o f these new electrolytes, 
the lithium salts and the crown ethers in acetonitrile and in propylene carbonate show 
that lithium coronands are less solvated than common lithium salts in these solvents.
The implication o f these findings on the conductivity enhancement o f the former 
relative to the latter is demonstrated. Thus, ionic conductivities o f lithium coronand 
cations are higher than corresponding data for the fi-ee cation in propylene carbonate, 
an important aspect to consider in lithium batteries. These studies stress the importance 
of fundamental thermodynamics in the selection o f electrolytes which show promise in 
battery technology. Finally, enthalpies of coordination (referred to reactants and 
products in their pure physical states) derived from complexation and solution data 
show the effect o f the anion in the coordination process.
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CHAPTER 1. INTRODUCTION
Chapter 1 Introduction
1.1. HOST-GUEST CHEMISTRY
The importance o f selective complexation o f alkali-metal cations (guests) by 
macrocyclic ligands (hosts) was discovered independently and almost simultaneously in 
the fields o f chemistry and biology approximately thirty years ago. Thus, in 1964 
Pressmanni discovered that the natural antibiotics (such as valinomycin) were 
responsible for the selective transport o f sodium and potassium across biological 
membranes. In 1967, the industrial chemist Pedersen^ discovered the crown ethers. 
This discovery gave a fundamentally new impulse to chemistry in general and to 
coordination chemistry in particular.
The research work reported in this thesis is related to :
a) Thermodynamic and NMR studies o f cyclodextrin-drug interactions in water at 
the standard temperature.
b) Thermochemical, structural and conductance studies on lithium-crown ether 
systems in non-aqueous media at the standard temperature.
Therefore, it seems appropriate to give a brief account on macrocycles in general and 
on cyclodextrins and crown ethers in particular.
The wide variety o f macrocycles available at the present time makes difficult to 
proceed with a strict classification of these compounds and for the purpose o f this 
thesis, macrocyclic ligands will be discussed under two main headings.
i) Naturally occurring macrocycles
ii) Synthetic macrocyclic ligands
1.2. NATURALLY OCCURRING MACROCYCLES
1.2.1. Valinomycin Group
These are antibiotics containing about 30 atoms in the macrocyclic ring. Their 
molecular weights vary between 500 to 1000 g-moH. A typical example o f this group
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is the cyclic depsipeptide known as valinomycin (a), obtained from the isolation of 
streptomyces fulvissimus^.
CH3CH3 CH3,CH3 CH3CH3
CH ÇH ÇH3 ÇH
-0- C H - C - N H - C H - Ç - 0- C H - C - N H - C H - Ç -
0 0 0 0
(a)
(b)
Figure 1.1 Structure o f valinomycin (a) and its potassium-complex (b).
Valinomycin is believed to act as carrier for the selective transport o f metal cations. 
Thus, it complexes with the potassium ion selectively and transports this cation across 
biological membranes. The presence o f nine isopropyl and three methyl groups in its 
structure confers hydrophobic character to this molecule while the carbonyl groups 
provides a hydrophilic environment for cation complexation. Thus, the crystallographic 
sructure o f the potassium-valinomycin complex is shown in Fig. 1.1 (b). This complex 
structure has a 'bracelet like' conformation. The NH moieties o f the amide and the 
carbonyl groups are arranged to form a tight array of hydrogen bonds, while the six 
carbonyl esters are available for complexation with the metal cation.
Chapter 1 Introduction
An interesting property of this group of natural ligands is that these compounds are 
essentially non-electrolytes (L) and as a result o f their interaction with metal cation 
salts (M+X ), new electrolytes are generated in solution (s).
M+(s) + X*(s) + L (s) > ML+(s) + X (s) eqn. 1.1
The process described by eqn. 1.1 is valid only if both, single and complexed 
electrolytes are fully dissociated in solution.
Stability constants o f these naturally occurring antibiotics and metal cations (alkali and 
alkaline-earth, silver and thallium) in methanol at 298.15 K previously investigated are 
reported in table 1.1. At the bottom of this table, the structure o f the relevant antibiotic 
is shown (Fig. 1.2). The conformational analysis o f valinomycin"* shows that the ester 
groups have less flexibility to interact with alkali and alkaline-earth metal cations than 
the amide carbonyl oxygen^ Calculations on interaction energies between the cation 
and the ionophore valinomycin show that for the alkali-metal cations these decrease in 
the order Na+ > K+ > Rb+ > Cs+. These calculations are not referred to the solution 
process and therefore, the solvent effect is not considered. It is quite clear from the 
results shown in table 1.1 that as far as the alkali-metal cations are concerned, the 
highest selectivity o f valinomycin is for the rubidium cation. In fact, the major factor in 
determining the overall complex stabilities is the difference between the solvation and 
ligand binding energies, since the stabilities o f alkali and alkaline earth complexes do 
not show a monotonie dependence upon the size o f the cation. The ion 
crystallographic size o f the alkali and alkaline earth metal cations are given in table 1.2. 
The 'cavity size-selection principle'  ^or the 'optimal-fit' is always considered for cation- 
macrocycle complexation reactions when ignoring other factors such as the solvent 
molecules (solvation), electrostatic forces, steric energies, etc. If cation solvation is 
considered, stability constants for the valinomycin with alkali-metal cations should 
reverse the order predicted from calculations. Thus, stability constants should follow 
the following sequence; Li+ < Na+ < K+ < Rb+ < Cs+. Smaller cations with high charge 
densities will be more solvated than the larger ones and therefore, more reluctant to 
complex with the ligand, thus, leading to a lower complex stability. This is in part 
observed for the lithium, sodium, potassium and rubidium complexes o f valinomycin in 
methanol. However, there is a slight decrease in stability for the caesium cation and 
this ligand in this solvent. This may be attributed to the large size o f this cation (largest
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one in the series) which impedes to be accommodated as effectively as rubidium in the 
ligand cavity.
Table 1.1 Stability constants of cation-macrotetralides complexes in methanol at
298.15 K7-11.
logK,.
Ligand L1+ Na+ K+ Rb+ Cs+ Mg^ + Ca^ + Sr2+ Ba^ + Ag^ T1+
Valinomycin <0.7 0.67 4.43 5.26 4.41 <0.7 2.70 2.23 3.34 3.90 4.40
Nonactin
Monactin
Dinactin
2.70 4.49 3.81 3.23 — — — 1.60
2.70 4.78 4.00 3.60 — 3.60 — 2.20
2.90 4.7 3.50 3.50 _  — — —
4.15
4.57
4.85
CH3,
CH.
CH.
Rj—R2“R2~R4~CH^  Nonactin
Ri=R2=R3=CH3 R4=C2H5 Monactin
R2=R2~CH3 Rg =R4=C2H^  Dinactin
Figure 1.2 Structure o f antibiotics o f the valinomycin group.
Table 1.2 Ionic radii o f metal cations^ .^
Cation Li+ Na+ K+ Rb+ Cs+ Mg^ + Ca^ + Sr2+ Ba^ + Ag+ T1+
Ion Radius (A) 0.60 0.95 1.33 1.48 1.69 0.65 0.99 1.13 1.35 1.26 1.44
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Fig. 1.3 shows a plot o f stability constant data (expressed as log K^ ) for valinomycin 
and alkali-metal cations in methanol at 298.15 K. According to Cox and Schneider^ ,^ 
the pattern observed for valinomycin known as 'plateau selectivity' is typical o f large 
ligands able to accommodate better the larger cations than the smaller ones. Due to 
constraints, the ligand does not interact effectively with small cations.
i
I
Figure 1.3
Rb+
5
4
3
2
Na+1
0
0.9 1.3 1.4 1.5 1.6 1.7
Ion Radus (Â)
Stability constants o f valinomycin and alkali-metal cations in methanol 
at 298.15 K against the size of the cation (A)^ .^
Similar plots shown in Fig. 1.4 for nonactin, monactin and dinactin in methanol at
298.15 K demonstrate that these ligands are highly selective for potassium but not as 
effective as valinomycin to discriminate between sodium and potassium, two important 
cations in biological systems. Thus, table 1.3 reports selectivity factors (eqn. 1.2) o f  
valinomycin for rubidium with respect to other cations. Similar calculations were 
carried out for other antibiotics taking potassium as the reference cation.
g = K ,(Rb+) 
K .(M +)
eqn. 1.2
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5.5
4.5
CÜ
I Cs+
§ 3.5
I Na+
2.5
1.71.61.41.20.90.8
Figure 1.4
♦  —Nonactin Monactin — A — Dinactin
Ion Radius (A)
Stability constants of naturally occurring macrocyclic ligands (nonactin, 
monactin, dinactin) and alkali-metal cations in methanol at 298.15 K 
versus the size o f the cation (A).
Table 1.3 Selectivity factors for alkali-metal cations by various antibiotics with 
respect to a reference cation in methanol at 298.15 K.
Li+ Na+ Rb+ Cs+
Valinomycin^^ 3.89x104 6.8 1 7.1
Nonactin®’® 61.7 1 4.8 18.2
Monactin®’^ 120.3 1 6.0 15.1
Dinactin®’® 63.1 1 15.8 1
I data given in table 1.,1; bg _  K X R b").
K s(M " )’
®S =.  K,(K+) 
K.(M +)
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A quantitative evaluation o f the selectivity of valinomycin for rubidium in methanol 
shows that i) this ligand is more selective by a factor o f 3.5 x 10  ^ for this cation 
relative to the smallest cations such as Na+. Consequently, valinomycin is able to 
discriminate between large and small cations, ii) has a similar ability to interact with K+ 
and Cs+. Unlike valinomycin, other macrotetralides such as nonactin, monactin and 
dinactin show the highest selectivity for the potassium cation. There is not much 
difference between the selectivity for sodium, potassium and caesium cations by these 
macrotetralides. In the case o f monactin, it has a relatively low selectivity for rubidium. 
Since the ring o f macrotetralides is the main factor in the complexation with these 
cations, the side arm alkyl groups can alter the stability constant with these cations by 
producing an steric effect which unables the cavity to accommodate the large cations.
1.2.2. Polyether or Carboxylic Antibiotics
The difference between antibiotics o f the valinomycin group and polyethers or 
carboxylic antibiotics is that the latter are open-chain linear molecules. Polyether 
antibiotics contain a terminal carboxylic group, one or two hydroxyl groups at the 
opposite end o f the molecule and various ether linkages, usually in the form of 
tetrahydrofuran or tetrahydropyran rings. Unlike valinomycin, the presence of 
carboxylic groups confers ionic character to the molecule and therefore, neutral 
complexes can be formed upon complexation o f these ligands with metal cations. 
Nigericin was the first compound isolated from the family o f the Nigericin group^  ^
(Fig. 1.5). For transport purposes, the exchange o f the cation for H+ is via the 
protonated or complexed species. According to Westleyi^, the carboxylic acid 
ionophores are capable o f complexing divalent cations. However, in cases where these 
ionophores are not able to transport divalent cations, they are referred to as 
monovalent polyethers.
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CH, ÇH; 3HÇ CHjOCHj
HOCHf OH
.CHj
fl I ° AT"H
H COOH
Nigericin
CH,
CH, ■CH,
ICH,
ÏH,OH
CHj' ■COOH
Monensin
coc«
X -206
CH3
9^3 9^3 CI^
CH3C
Lasalocid
CHi o
.CH,bH
Dianemycin
CH,N
CH,
O H
CO,H
Calcimycin
Figure 1.5 Structures of some polyether carboxylic antibiotics.
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The crystal structures of some metal-ion complexes o f polyether antibiotics have been 
reportedly. For the silver complex of monensin, the anion is wrapped around the cation 
and held in this conformation by two strong head-to-tail hydrogen bonds between the 
carboxylate group and two o f the hydroxyl functions o f the terminal tetrahydropyran 
moiety. Two water molecules are also involved in hydrogen bonding to the ligand. 
The silver ion is coordinated by six oxygen atoms, four o f which are provided by the 
ether groups and two by the hydroxyl groups. The carboxylate oxygens do not interact 
with the cation since these are involved in hydrogen bond formation with the hydroxyl 
groups at the other end o f the molecule. The metal ion is thus entrapped in a 
hydrophilic cavity, while the exterior o f the molecule is highly lipophilic. The crystal 
structures o f three different sodium monensin complexes have been published '^ .^ 
Particularly interesting is that these complex structures have shown that all o f their 
carboxylic groups are found in their non-ionic forms. Therefore, in this case the 
antibiotic behaves as a neutral ligand rather than as an anionic one. Apart from the 
minor difference in hydrogen bonding for the silver with respect to the sodium 
complex, the molecular conformation of the latter turned out to be very close to that 
found for the former complex.
Some representative stability constant data for polyether antibiotics with alkali and 
alkaline-earth metal cations in methanol at 298.15 K are given in table 1.4. Normally, 
these complexes are found to be more soluble in organic solvents than in water, which 
may be attributed to the hydrophobic nature o f their exterior. A plot o f stability 
constants in the various solvents versus the size o f the cations is shown in Fig. 1.6. In 
all solvents, monensin shows the highest selectivity for the sodium cation.
10
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Table 1.4 Stability constants of cation-monensin complexes in various solvents at 
298.15 K18.
Cation
!
MeOH^ EtOHb
log XV,-
DMpc DMSO** PC®
Li+ 3.6 5.3 5.9 3.7 11.4
Na+ 6.3 8.8 8.9 5.7 12.0
K+ 4.9 7.2 7.3 5.0 9.1
Rb+ 4.2 6.2 6.2 4.3 7.3
Cs+ 3.5 5.1 4.6 3.2 5.5
Mg2+ 5.2 9.1 6.8 5.4 12.6
Ca2+ 4.4 6.7 6.0 5.6 11.9
Sf2+ 5.9 9.4 6.2 5.1 14.0
Ba2+ 7.1 9.9 7.0 5.1 14.0
^,N-dimethylformamide; ^dimethylsulfoxide and ^propylene carbonate.
bno
I
I
Na'
12
11
10
9
8
7
6
5
4
3
2
Rb
Cs
1.81.61.41.210.80.60.4
■MeOH ■EtOH DMF X DMSO ■X— PC
Ion Radius (Â)
Figure 1.6 Stability constants o f monensin and alkali-metals in various solvents at
298.15 K versus the size of the cation (Â)^ .^
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The availability o f stability constant data allows the calculation o f the standard Gibbs 
energy associated with the complexation process, A^ G®, using the following 
expression,
A,G° = -R T lnK , eqn 1.3
where R = 8.31 J K * mol *. Standard Gibbs energies o f cation-monensin complexes in 
the various solvents are reported in table 1.5.
Table 1.5 Standard Gibbs energies o f cation-monensin complexes in various solvents 
at 298.15 K derived from stability constant data reported in the literature* .^
Cation
■ AgG°/kJ-mol** - 
DMF
/
MeOH EtOH DMSO
\
PC
Li+ -20.5 -30.2 -33.7 -21.1 -65.1
Na+ -35.9 -50.2 -50.8 -32.5 -68.5
K+ -28.0 -41.1 -41.7 -28.5 -51.9
Rb+ -24.0 -35.4 -35.4 -24.5 -41.7
Cs+ -20.0 -29.1 -26.2 -18.3 -31.4
Mg2+ -29.7 -51.9 -38.8 -30.8 -71.9
Ca2+ -25.1 -38.2 -34.2 -31.9 -67.9
Sr2+ -33.7 -53.6 -35.4 -29.1 -79.9
Ba2+ -40.5 -56.5 -39.9 -29.1 -79.9
In order to assess the effect o f cation solvation in the complexation process, the 
transfer Gibbs energies, A^ G° of these ions (data based on the Ph^AsPh^B 
convention*^) from methanol to other solvents at 298.15 K are considered. These are 
reported in table 1.6.
12
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Table 1.6 Gibbs energies o f transfer of alkali metal cations from methanol to 
dipolar aprotic solvents at 298.15 K. Data based on the Ph^^ AsPh^ B 
convention.
r kJmol* A
Cation MeOH DMF DMSO PC
LP 0.0 -18.7 -19.5 15.6
Na+ 0.0 -18.2 -22.0 4.3
K+ 0.0 -19.0 -22.5 -5.5
Rb+ 0.0 -19.5 -21.3 -8.4
Cs+ 0.0 -19.4 -23.6 -9.5
Taking into account these values, a trend is observed from Li+ to Cs+ which shows that 
as the size o f the cation increases, A^ G° values from methanol to other solvents become 
more negative. This size effect is best reflected in the A^ G° values for the transfer o f  
these cations to propylene carbonate. This is a clear indication that dipolar aprotic 
solvents prefer the larger cations than the smaller ones. As far as the solvents are 
concerned, the negative A^ G° values observed for the transfer o f cations from methanol 
to N,N-dimethylformamide and dimethylsulfoxide reflect the basic character o f the two 
latter solvents which are essentially good solvators for these cations. On the other 
hand, among the dipolar aprotic solvents considered, propylene carbonate is the 
poorest solvator for the cations and therefore, this solvent is expected to offer an 
excellent medium for ligand-cation complexation. This statement is corroborated by 
stability constants (table 1.4) and derived Gibbs energies (A^G°) shown in table 1.5, 
where the highest stability constants for all monensin complexes are found in propylene 
carbonate. Encouraged by this observation, the following explores the relationship 
between Gibbs energies of complexation, A^ G® of a given metal cation and the 
monensin ligand L in two dipolar aprotic solvents and the A^ G° for this cation in these 
two solvents (eqn 1.4).
A,G°(s) - A,G°(PC) = -AtG°(PC^s) eqn. 1.4
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This relationship was successfully demonstrated by Danil de Namor and co-workers*^ 
for complexation processes involving alkali-metal cations and cryptands in dipolar 
aprotic solvents. Details on Gibbs energies o f complexation o f alkali-metal cations and 
monensin and corresponding data for cation transfer using propylene carbonate as the 
reference solvent are given in table 1.7.
Table 1.7 Relationship between Gibbs energies o f complexation (monensin ligand) 
and transfer Gibbs energies among dipolar aprotic solvents (eqn. 1.4) 
using propylene carbonate as the reference solvent at 298.15 K in kJ- 
mol**.
A,G°(DMF)-A,G°(PC)" AtG°(M+)(PC->DMF)b
LP 31.4 -34.3
Na+ 17.7 -22.5
K+ 10.2 -13.5
Rb+ 6.3 -11.1
Cs+ 5.2 -9.9
A,G°(DMSO) - A,G°(PC) AtG°(M+)(PC-^DMSO)
Li+ 44.0 -35.1
Na+ 36.0 -26.3
K+ 23.4 -17.0
Rb+ 17.2 -12.9
Cs+ 13.1 -14.1
&From data given in table 1.5; ^Calculated values from data given in table 1.6.
A plot o f the difference in the Gibbs energies o f complexation, A^ G® for a given cation 
and monensin in two dipolar aprotic solvents (PC as reference solvent) against the 
transfer Gibbs energies of that cation from propylene carbonate (PC) to other dipolar
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protic solvent (s = DMF or DMSO) is shown in Fig 1.7. Although some deviation o f  
the data are found, it is quite clear that the correlation shown in eqn. 1.4 is also 
followed in the case o f this ligand. The implication o f this statement is that in the 
complexation o f monensin with metal cations, the solvation of the cation in the solvent 
plays a key role.
40 • •
30 ■■
2 0 "
1 0 "
0•5-10-15-20-25-30-35-40
I
O
a
b
b
AtG°(PC->s)/kJ-mol-i 
linear regression coefficient = 0.83 , s = DMF or DMSO
Figure 1.7 Difference in the Gibbs energies of complexation, A^G° for a given 
cation and monensin in two dipolar aprotic solvent (PC as reference 
solvent) against the transfer Gibbs energies of that cation from PC to 
other dipolar protic solvents ( s = DMF or DMSO) at 298.15 K.
Having identified the role played by the solvent in the binding process involving natural 
macrocyclic ligands, it is interesting to proceed with a quantitative evaluation o f the 
selectivity enhancement o f monensin for sodium with respect to other cations in the 
various solvents. This is calculated by taking the ratio between the stability constant of 
sodium relative to corresponding data for other cations at 298.15 K. Selectivity factors 
are listed in table 1.8.
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Table 1.8 Selectivity factors o f monensin for sodium relative to other cations in 
various solvents at 298.15 K.
Cation MeOH EtOH DMF DMSO PC
Li+^ 501 3162 1000 100 4
Na+^ 1 1 1 1 1
K+a 25 40 40 5 794
Rb+^ 126 398 501 25 5.0x104
Cs+^ 631 5012 1.99x104 316 3.2x106
^Calculated from stability constant data given in table 1.1. Using S = Kg(Na+)/Kg(M+)
The most interesting feature of these results is shown in propylene carbonate where it 
is observed that while the selectivity o f this ligand for sodium relative to lithium is not 
dramatically different, as the size o f the cation increases from K+ to Cs+, the selectivity 
of monensin for sodium in PC becomes greater. It is therefore concluded that, 
propylene carbonate offers an excellent medium for cation recognition by this ligand.
1.2.3. Cyclodextrins
Cyclodextrins are products of the degradation o f starch by the enzyme known as 
glucosyltransferase. There are three well known cyclodextrins which are produced in 
industrial scale. These are
i) a-cyclodextrin (a-CD) constituted by six glucopyranose units.
ii) p-cyclodextrin (P-CD) which comprises seven glucopyranose units.
iii) y-cyclodextrin (y-CD) with eight such units.
The structure o f P-cyclodextrin shown in Fig. 1.8.
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H0H2C
HO
OH
HO
\H O HO
OH
HO'
OH (H HO
'CHjOHCH2CH
Figure 1.8 The structure o f the P-cyclodextrin.
Due to steric reasons it has been demonstrated^  ^ by conformation - energy map 
calculations that cyclodextrins with lower than six glucopyranose units cannot be 
formed. The existence o f cyclodextrins with more than eight glucopyranose units has 
been reported by Pulley and French^ »^^ .^ Molecular modelling has shown that all 
secondary hydroxyl groups are found on one o f the two edges o f the ring while 
primary hydroxyl groups are situated on the other. The cavity o f cyclodextrins is lined 
by hydrogen atoms and the glycosidic oxygen bridges (Fig. 1.9). The non-bonding 
electron pairs o f the oxygen are directed towards the interior o f the cavity. P- 
cyclodextrin has the particularity o f a secondary belt resulting from hydrogen bond 
formation between the C2-0H of one glucose unit with the C3-0H o f an adjacent 
unit^ .^ This explain the lower solubility '^* o f P-cyclodextrin (1.63 x IO-2 mol dm- )^ with 
respect to a-cyclodextrin (1.49 x 10 * mol-dm* )^ and y-cyclodextrin (1.79 x 10 * 
mol-dm-3) in water at 298.15 K. In a-cyclodextrin, hydrogen bonding is reduced to 
four instead six due to the distorted position o f one of the six glucopyranose unit^ .^ 
The y-cyclodextrin is a non-planar structure with higher flexibility than the other two 
(a  and P) and also higher solubility.
5 pH 
CHj—O
OHHO
pH
CH2O
OHHO
Figure 1.9 The two glycosidic bond units of a cyclodextrin molecule showing the 
a-(l,4 ) glucosidic linkage in the glucopyranose ring.
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Crystal structure
Cyclodextrins can crystallise in two different forms which depend on the packing of 
these molecules within the crystal lattice. These are known as channel or cage 
structures'^ (Fig. 1.10). In the channel type, the molecules can be arranged either head- 
to-tail or head-to-head (Fig. 1.11). In the cage arrangement the cavity o f one molecule 
of cyclodextrin is blocked off on both sides by adjacent cyclodextrins. The cage type 
can be packed i) crosswise (herringbone) and this is often the case for a , p and y- 
cyclodextrins or ii) brick mode as shown in these figures.
m f m .
B
Figure 1.10 Schematic representation o f the arrangement o f cyclodextrins in 
crystals. A) Channel structure, B and C are the herringbone and the 
brick type in the cage structure; respectively.
Figure 1.11 "Head-to-tail" and "head-to-head" structures.
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Crystallisation o f cyclodextrins from water results in the solvent being hosted in their 
cavities, although the possibility o f water interacting with other parts o f the molecule 
cannot be excluded. Depending on the conditions, different crystal forms o f the same 
cyclodextrin which differ among them by the water distribution within the molecule 
can be obtained. These are summarised in the following table.
Table 1.9 Water content o f a, P and y-cyclodextrins '^ -^^o.
Cyclodextrin Number o f water molecules
a-CD 6  (Form I), 6  (Form II) & 7.5 (Form III)
P-CD 12& 11
y-CD 13.3
From the six water molecules found in a-cyclodextrin only two are located in the 
cavity while the remaining four molecules are found outside. The structural differences 
between P-cyclodextrins is mainly in the way the water molecules are distributed. 
Thus, in p-CD I2H2O, the cavity contains 6.5 water m olecu les^ an d  the rest (5.5) 
are found in the interstices. Flip-flop hydrogen bonding found in P-cyclodextrins 
results from disordered water^ .^ As far as P-cyclodextrin 1 l-HjO is concerned, 6  water 
molecules are located in the cavity and five in the interstices, y-cyclodextrin is 
characterised by water molecules with a degree o f disorder which is greater than that 
for P-cyclodextrin. Main characteristics o f a-, P- and y-cyclodextrins are shown in 
table 1 .1 0 .
Table 1.10 Properties o f a-, P- and y-cyclodextrins.
a - p-
No. o f glucose units^ "^  6  7 8
Molecular weight^ "^  972 1135 1297
Solubility in water at 1.49 x 10'^  1.63 x 10*^  1.79 x 10*^
298.15 K (mol dm 3)24
Cavity diameter (Â)34 4.7-5 .3  6 .0 -6 .5  7.5 - 8.3
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Solubility data for a, P and y-cyclodextrins in water at the various temperatures 
reported in the literature^  ^are listed in table 1.11. These data are used to calculate the 
solution enthalpy (A^ H®) using the following expression
=  2 .3 o tR .T  + "
Eqn. 1.5 is known as the van't Hoff equation. In the equation, K is the solubility o f the 
cyclodextrin in water, T is the temperature in K and R is the gas constant in TK ^mol k
From a plot o f cyclodextrin solubility (log K) against the reciprocal o f temperature, the 
enthalpy o f solution o f cyclodextrin in water are calculated.
Table 1.11 Solubility o f cyclodextrins (a, P and y) in water at different 
temperatures.
Solubility (mol-dm~3)
Temperature (K) a P Y
293.15 0.0926 0.0144 0.1426
298.15 0.1307^ 0.0165^ 0.1974^
303.15 0.1698 0 .0 2 0 0 0.2467
308.15 0.2098 0.0249 0.3007
313.15 0.2490 0.0307 0.3547
318.15 0.2932 0.0387 0.4510
These data slightly differ from these given in Ref.24.
Thus, enthalpies o f solution o f -35.23; -31.09 and -34.23 kJ-mol*^  are calculated (eqn 
1.5) for a, P and y-cyclodextrins; in water; respectively. These data are in 
disagreement with the calorimetric data reported by Danil de Namor and co-workers^^ 
in water at 298.15 K. (A,H° a-CD = -62.69 k l moH; A ^ ° P-CD = -75.52 kJ mol-i; 
A H° y-CD = -96.31 kJ-mol'i). Since a) the limitations o f the van't Hoff equation in the 
derivation o f enthalpy data are well known and b) calorimetry is by far the more 
reliable technique to obtain enthalpy data, it becomes quite clear that AgH° values 
derived from eqn. 1.6  are subject to large errors.
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I.2.3.2. Cyclodextrin-drug interactions
As far as cyclodextrin-drug interactions are concerned, Lach and Cohen^  ^reported that 
P-cyclodextrin is able to form inclusion complexes with various drugs in solution. 
Later on Kurozumi^ ,^ demonstrated that this is also the case in the solid state. As a 
result o f the binding process, the addition o f cyclodextrins to drugs increases their 
solubility35, rates o f dissolution^ ,^ and absorption rates3^ >39 Consequently, these 
compounds were found to have potential applications in the pharmaceutical industry^o. 
The mechanism o f drug dissolution rate enhancement by the addition o f cyclodextrins 
to drugs was investigated by Corrigan and Stanley^i. These authors measured the 
solubility o f various drugs (bendrofluazide, chlorothiazide, hydrochlorothiazide and 
hydroflumethiazide) in the presence o f p-cyclodextrin and concluded that these 
macrocycles enhance the solubility o f these drug at the biological temperature (37°C; 
310 K). From a plot o f the drug solubility against the concentration o f P-cyclodextrin, 
the stability constant (apparent values) o f the drug-cyclodextrin complex in water was 
calculated from the following expression
" C ,( l  - S)
where S is the slope of the plot and Cg is the drug solubility. Stability constants 
reported in the literature^i are listed in table 1.12 .
Table 1.12 Stability constants o f P-cyclodextrin and drugs in water at 310 K.
Drug_____________________Structure__________logK ,
Bendrofluazide v °  1.91
FjC' 'N
Chlorothiazide ,o o o 1.14
".)O C T
Hydrochlorothiazide _iLoH 1 .77
Hydroflumethiazide 1.51
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X-ray diffraction studies showed that inclusion compounds are formed in which the 
hydrophobic cavity o f the macrocycle hosts the phenyl ring o f the drug. Using a 
dimethyl derivative obtained from alkylation o f the primary and secondary hydroxyl 
groups o f cyclodextrin, Szejtli^  ^discussed the advantages o f this compound relative to 
P-cyclodextrin as far as drug stability is concerned. In the same paper the solubility 
enhancement o f the drug by the dimethyl derivative is demonstrated. Some 
representative examples are shown in table. 1.13.
Table 1.13 Representative examples o f the enhancement o f solubility o f drugs (mol- 
dm-3) o f aqueous solution o f dimethyl-p-cyclodextrin at 298.15 K.
Solubility in water (mol-dm~ )^
Drug Structure Free drug P-CD-drug
Hydrocortisone
Digoxine
Methyltestosterone
Progesterone
2.91x10-4
2.38x10-4
6.26x10-5
1.73x10-2
1.67x10-2
1.03x10-2
1.41x10-5 9.77x10-3
Through complexation with P- and y-cyclodextrins, Kata and S e l m e c z i 4 3 ,  demonstrated 
the solubility increase of the following drugs; fiirosemide, hydrochlorothiazide, 
mebendazole, metronidazole, apironolactone, tofisopam and vinpocetine. The effect of 
cyclodextrins on the degradation of certain alkaloids components o f the Ipecac syrup 
(first-aid medicine used for the ingestion o f harmful substances by children) was 
investigated by Teshima et aP , The alkaloids studied are shown in Fig. 1.12. These are 
known to decompose thermally and photochemically to various products which are 
likely to alter the pharmacological effect of lpecac45,46 However, it was demonstrated 
that as a result o f the interaction o f these alkaloids with cyclodextrins (P, y and 
dimethyl-p-derivatives) stabilisation was achieved in the syrup. Stability constants of 
the alkaloids and P and y-cyclodextrins in water at pH 7.5 and at 298.15 K were 
reported. Representative data are shown in table 1.14.
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CH30.
CH30
CjHs
emetine
(EM)
cephaeline
(CP)
psychotrine
(Py)
R =
o-methylpsychotrine
(MePy)
emetamine
(EmAm)
R =
ÇH2
CJD
0 CH3
0 CH3
0CH3
'0 CH3
Figure 1.12 Structures o f emetine and related alkaloids from Ipecac.
Table 1.14 Stability constants o f the complexes o f emetine and related alkaloids 
with P- and y-cyclodextrins in water at pH 7.5 and at 298.15
System logK,
EM-y-CD
EM-DM-p-CD
CP-y-CD
CP-DM-P-CD
2.92
3.19 
3.05
3.19
High performance liquid chromatography has been suggested as a suitable technique 
for the prediction of the stability constants of P-cyclodextrin and various drugs 
(sulfonamides, sulfonylureas and /?-aminobenzoic acid)^ .^ This was the result o f the 
correlation found between the retention times, K j o f these drugs on a Cyclobond® I 
column and the stability constants of cyclodextrin-drugs (table 1.15).
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Table 1.15 Retention times o f sulfonamides on a Cyclobond® I column at 298.15 
K.
Drug R (^min)^ PK.''
Sulfamerazine 4.76 6.85
Sulfisoxazole 6.47 4.79
Sulfaphenazole 5.74 5.87
Sulfathiazole 24.8 7.23
Sulfamethomidine 5.92 7.06
Sulfadimethoxine 5.52 5.98
Sulfadiazine 5.02 6.37
Sulfisomidine 5.92 7.47
Sulfapyridine 13.0 8.57
^Mobile phase; methanol : buffer (85 : 15) and ^dissociation o f the amide proton.
An interesting application o f cyclodextrin-drug interactions is found in the design o f  
ion-selective electrodes for drugs (propranolol, diphenhydramine, diphenylpyraline, 
chlorcyclizine, chloropromazine and dicyclomine (see Fig. 1.13)). These studies have 
been based on thermodynamic data on the complexation of cyclodextrin and drugs in 
water at 298.15 K. These are listed in table 1.16.
OH
OCHg-CH-CHgNHCHCCHs); a
C H -Q -C H2CH2N(CH3)2è
Propranolod (PH) Diphenhydramine (DPHI^
[Q ] CH2CH2CH2N(CH3>2
ch, - n'^ Vi-
è  û c ; % r
Chlorcyclizine (CCH) Chloropromazine (CP) Dicyclomine (DC)
Figure 1.13 Structures of drugs.
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Enthalpy values reported by Mwakibete et aM^  are not very accurate since these have 
been derived from the variation of log with temperature. The favourable Gibbs 
energies (negative values) are the result o f enthalpic stability (negative AJEi°) which is 
dominant. The slightly favourable entropies of complexation (positive A^ .S°) are likely 
to be due to desolvation o f host or guest or both, during the binding process.
A comprehensive microcalorimeter study on the complexation o f 2 -hydroxypropyl-P- 
cyclodextiin and amine drugs with the diphenylmethyl functionality (Fig. 1.14) has 
been carried out by Tong and co-workers'* .^ Representative thermodynamic data for 
cyclodextrin-drug (1 : 1) complexation in water at 298.15 K are shown in table 1.17.
Table 1.16 Thermodynamic parameters of complexation o f drugs (Fig. 1.13) and 
drugs with cyclodextrins (a, p & y) in water at different temperatures.
Drug CD Temp
(K)
logK s AeG°
(kJ-mol'*) (kJ-mol**)
A,S°
(J'K-i-mol-i)
PH a 298 No binding
P 293 2.32 -23 -35 ±15 4 ±2.5
P 298 2.23 -23
P 303 2.14 -23
P 308 2.11 -23
DPHH a 293 2.09 -22
P 293 3.32 -28
P 293 3.62 -30
P 298 3.57 -30 -15 ±9 11 ±7
P 303 3.53 -31
P 308 3.49 -31
CCH a 293 3.15 -28
a 298 3.09 -28 -30 ±18 5±3
a 303 2.99 -28
a 308 2.89 -27
P 293 3.76 -31
P 298 3.69 -31 -22 ±14 8±5
P 303 3.62 -31
P 308 3.57 -31
CP a 298 2.08 -28
P 298 4.04 -33
DC a 298 2.45 -30
P 298 4.98 -38
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i  V-C-CHjCHjCHj-n''^ \  /^^y-i-0-CH2CH2N(CHj)2
Diphenidol (DPD) Orphenadrine (OPD)
0-CH2CH2N(CHj)2
V-CHa
CHa
Cyclizine (CH) Mecizine (MC)
-C-OCHgCH^ NCCH^ CH;);
Bromodiphenhydramine
(BrDPHH)
/~ V -C — V1-CH2CH2OCH2CH2OH 
Hydrojq^ine (HX)
ÇHjCHjCHj
-C-OCHjCHjNCCHiCHs),
Adiphenine (ADN) Proadifen (PRA)
Figure 1.14 Chemical structures of amine compounds with the diphenylmethyl 
functionality.
Table 4.17 Thermodynamic parameters of complexation of drugs (Fig. 1.14) and 2- 
hydroxypropy-p-cyclodextrin in water at 298.15 K (1:1 
stoichiometry)'* .^
Compound log Kg AeG°
(kJ-mol'i)
AeH°
(kJ-mol-*)
A,S° 
(TK * mol *)
DPDHCl 2 .2 0 -12.54 -20.97 -28.3
DPHHHCl 2.38 -13.62 -14.14 - 1.8
OPDHCl 2.37 -13.56 -14.65 -3.7
BrDPHHHCl 2.74 -15.65 -10.64 16.8
DPPHHCl 2.55 -14.55 -14.08 1.6
CHHCl 2.42 -13.83 -14.23 -1.3
ClCHHCl 2.63 -15.03 - 1 0 .1 0 16.6
C1CH2HC1 2.61 -14.90 -10.61 14.4
MCHCl 2.54 -14.52 -9.47 16.9
HXHCl 2.59 -14.79 -10.06 15.9
HX-2HC1 2.57 -14.72 -8 .8 8 19.6
PRAHCl 2.74 -15.66 -16.16 -1.7
ADNHCl 2.80 -16.03 -23.04 -23.5
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In most cases, the complexation of hydroxypropyl-p-cyclodextrin and these drugs in 
water is enthalpy controlled (negative values) due to hydrophobic effects and van der 
Waals interactions. The increased stability observed for some drugs results from a 
favourable entropie contribution (positive AçS°) which was attributed to a higher 
hydrophobic interaction derived from the presence o f halogen substituents in the 
aromatic ring o f the drug.
The effect o f P-cyclodextrin on the transfer o f N*-substituted sulfonamides (Fig. 1.15) 
from water to chloroform has been investigated by Danil de Namor and co-workers^°. 
For this purpose, a thermodynamic approach was used. Thus, solubility data for 
several N*-substituted sulfonamides in water and in chloroform were determined at
298.15 K. These results were used to derive the solution Gibbs energies (AgG°) of 
these drugs in these solvents. Transfer Gibbs energies (A^G°) from water to chloroform 
were calculated. These data are shown in table 1.18.
H,N SO2NHR
sulfapiridine suMsoxazole
R =
H3C CH3
sulfadiazine (Ri=H) 
sulfamerazine ^i=CHg)
N
N' R
sulfathiazole
N
Sulfoisomidine 
(Ri = R2 = CH3)
sulfadimethoxine 
(Rj = Rj = OCH3)
sulphamethizole
sulfamethoxazole O CH
Figure 1.15 Structrues o f N*-substituted sulphonamides.
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Table 1.18 Solubilities and Gibbs energies o f solution o f N*-substituted 
sulfonamides in water and in chloroform and derived Gibbs energies of 
transfer (on the molar scale) from water to chloroform at 298.15 K
Compound /— A^G° (kJ-mol**) —\ A^G°(H2 0 )^ (C l3CH)
____________ 1^0________ CI3CH___________(kJ-mol-*)
sulfapiridine 16.96 17.66 0.70
sulfadiazine 2 0 .1 1 2 0 .1 0 0 .0 1
sulfamerazine 17.87 16.02 -1.85
sulfaisomidine 13.23 15.63 2.40
sulfadimethoxine 22.05 12.89 -9.39
sulfamethoxazole 16.69 12.82 -3.87
sulfisoxazole 18.90 15.03 -3.87
sulfathiazole 15.67 19.55 3.88
sulfamethizole 15.51 16.15 0.64
^Corrected for the dissociation of sulfonamides in water.
These studies were complemented with thermocynamic data for the complexation o f P- 
cyclodextrin and N*-substituted sulfonamides in water at 298.15 K. Data are shown in 
table 1.19.
Table 1.19 Thermodynamic parameters o f complexation o f P-cyclodextrin and N*- 
substituted sulfonamides in water at 298.15 K.
Compound logK, A,G°
(kJ-mol-*)
A^a°
(kJ-mol-*)
A,S°
(J-K-imol*i)
sulfapiridine 2.83 -16.15 -19.3 - 1 0 .6
sulfadiazine 2.53 -14.44 -16.5 -6.9
sulfaisomidine 2.25 -12.84 -15.6 -9.3
sulfadimethoxine 2.79 -15.92 -19.1 -10.7
sulfamethoxazole 2.77 -15.81 -22.5 -22.4
sulfisoxazole 2.79 -15.95 -28.0 -40.0
sulfathiazole 3.37 -19.24 -29.8 -35.4
sulfamethizole 3.10 -17.70 -27.6 -35.2
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Further studies by these workers involved transfer data for the macrocycle from water 
to chloroform (A^ G® = 16.29 kJ-mol**) at the standard temperature. Microcalorimetric 
studies demonstrated lack o f complexation of P-cyclodextrin and these drugs in 
chloroform. This was also corroborated by solubility measurements o f the drug-P- 
cyclodextrin complex in chloroform. It was found that the amount o f drug in this 
solvent was approximately the same as the solubility o f the free drug. These findings 
led to the conclusion that in the presence of p-cyclodextrin, the overall process of 
transfer, K involves two steps.
The dissociation o f sulfonamide-p-cyclodextrin in water :
S-C D % 0) S(HjO) + CDCHjO) eqn. 1.7
The transfer o f the drug from water to chloroform :
S(HjO) eqn. 1.8
A direct implication o f this outcome was that and therefore, from the
thermodynamic view point, sulfonamides are more favourable transferred from water 
to chloroform in the absence of cyclodextrins than in their presence. Based on Danil de 
Namor et al work, Gomez-Orellana et aF* investigated the thermodynamics o f  
prednisone complexation with P-cyclodextrin. Similar studies to those discussed 
above'** were carried by Ammar and El-Nahhaz^^  ^ using P-cyclodextrin and the drug 
known as Allopurinol in water. Stability constants were determined from solubility 
measurements in the presence and absence of cyclodextrins. The variation o f stability 
constant with temperature was used to derive the enthalpy associated with the binding 
process. It was concluded that a marked improvement in the solubility o f the drug was 
found by the addition of P-cyclodextrin.
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1.3. SYNTHETIC MACROCYCLES
There is a large variety of synthetic macrocycles. Some o f them are briefly discussed in 
this thesis. These are
1) Tetraaza-macrocycles
2) Crown ethers
3) Cryptands
4) Spherands
5) Calixarenes
1.3.1. Tetraaza-macrocycles
In most cases, macrocyclic ligands containing oxygen donor atoms form high stable 
complexes with alkali and alkaline-earth metal cations. However, when these 
macrocycles contain nitrogen as donor atoms, strong complexes with transition and 
post-transition metal cations are formed. Tetraaza-macrocyclic ligands containing 
nitrogen donor atoms with different cavity sizes are obtained by altering the number of 
CHj groups bridging the nitrogens. Some examples are shown in Fig 1.16.
12-ane-N^ (182 pm)
h N Nh
13-ane-N4 (192 pm)
H N  N H  
H N  N H
14-ane-N4 (207 pm) 15-ane-N4 (222 pm) 16 -ane-N4 (23 8 pm)
Figure 1.16 Representative tetraaza-macrocycles and their cavity size53
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Table 1.20 lists representative stability constant data (log K^ ) o f 12-ane-N4 and metal 
cations (Cu^+, Zn^+ Cd^ + and Pb^+) in water at 298.15 K.
Table 1.20 Stability constants (log K^ ) o f metal-ion complexes o f 1,4,7,10- 
tetraazacyclododecane (12-ane-N4) in water at 298.15 K.
Cations_________ logK,
Cu2+ 24.8
Zn2+ 16.2
Cd2+ 14.3
Pb2+ 15.9
According to Hancock '^*, the magnitude of the stability constant o f metal cations such 
as Cu2+, NP+, Zn^ +, Cd^ +, Ca^ +, Ba^\ Sr^+and Pb^ + are controlled by the size o f the 
chelate ring formed during complexation. The highest stability observed for this ligand 
and Cu^ + (small cation) is due to the size cavity of the ligand which can provide a 
planar arrangement for this cation.
1.3.2. Crown ethers
1.3.2.1. Synthesis of crown ethers
The industrial chemist C. J. Perdersen discovered by accident the first crown ether. He 
prepared the l,7-bis(2'-hydroxyphenyl)-l,4,7-trioxaheptane (c) from mono-protected 
catechol (a) and 2 ,2 '-dichlorodiethylether^  ^ (b) as shown in Fig. 1.17. The obtained 
crystalline product was easily dissolved by the addition o f sodium salt in methanol. 
This is known as dibenzo 18 crown 6  (d).
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OH
+ ?  I LNaOH/nrBuOH
O
(a)
O
(b)
nHzO/Ef
o o
(c) (d)
Figure 1.17 Synthetic route used by Pedersen for the synthesis o f dibenzo 18 crown 6 .
Usually, the arrangement is such that the oxygen donor atoms in the ring are separated 
from each other by ethylene bridges. Representative crown ethers with ring sizes 
varying between 12 and 30 atoms are shown in Fig. 1.18.
O
O
o
12 crown 4
0 ^ 0
0 ^ 0
o  o
o
15 crown 5 18 crown 6
c  )  c e ;  X )
21 crown 7 24 crown 8 dicyclohexyl 18 crown 6
r - o H n a
:  P
dibenzo 30 crown 10
Figure 1.18 The structures of some crown ethers.
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The trivial names for crown ethers consist of
a) the number and kind of substituent groups.
b) the number o f atoms in the polyether ring.
c) the class name, crown and
d) the number o f oxygen atoms in the ring.
Crown ethers are characterised by the presence of holes rather than cavities. The size 
of these holes have been reported^ .^ Some o f these have been derived from X-ray 
diffraction studies while others have been estimated by the use o f CPK models. Some 
representative data are listed in table 1 .2 1 .
Table 1.21 Hole radii o f some crown ethers^ .^
Ligand Hole radius (Â) 
CPK models
Hole radius (A) 
X-ray studies
12 crown 4 
15 crown 5 
18 crown 6  
21 crown 7
0.60
0.85
1.30
1.70
0.85 - 0.90 
1.25 - 1.40
The driving force for the synthetic developments in the field o f macrocyclic chemistry 
is the design o f ligands with selective properties for metal cations. Therefore, it is 
important to outline some o f the factors which contribute to the selective complexation 
o f metal cations by crown ethers as assessed from the stability o f cation-crown 
complexes.
I.3.2.2. Factors controlling the stabilities and selectivities o f crown ethers 
and metal cations
The complexation between a metal cation and a crown ether is the result o f ion-dipole 
interactions between the donor atoms o f the ligand and the charge o f the cation. The
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predominant factors which contribute to the stability and consequently, selectivity in 
crown ether chemistry are
i) The size o f the hole o f the crown ether
ii) Donor atoms in the ligand
iii) The effect o f substituents in the ligand structure
iv) The nature o f solvent
i) The size o f the hole of the crown ether
Crown ethers are more flexible than the natural macrocycles and some o f the synthetic 
ligands such as cryptands. As a result, four groups o f complexes for a given crown 
ether can be found depending on the cation and hole sizes. These are summarised as 
follows.
1) The cation fits well into the hole without producing strain.
2) The cation size is larger than the size of the hole. In this case, the cation lies 
above the hole forming a 1:1 complex or it is included between two crown 
ether molecules (sandwich type complex).
3) The size o f the cation is smaller than the size o f the hole o f the ligand. As a 
result, the ligand either wrap around the cation or the hole is able to host more 
than one cation.
4) Participation o f the binding sites o f the ligand is not complete and the metal 
cation interacts either with the solvent or the anion.
ii) Donor atoms in the ligand
The nature o f the electronegative donor atoms plays an important role in the 
complexation o f crown ethers with metal cations. The oxygen atom is a hard Lewis 
base and as such interacts with hard Lewis acids. This is corroborated by the selective 
complexation o f crown ethers with alkali and alkaline-earth metal cations. Replacement 
o f oxygen atoms in the crown by NH leads to a decrease in complex stability with 
alkali metal cations while the ligand is highly selective for lead and silver. Dramatic 
changes in selectivity occur when oxygen atoms are replaced by soft donor atoms such 
as sulphur and phosphorous. These statements are corroborated by representative 
examples given in table 1.2 2 ^^
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Table 1.22 Effect o f the donor atoms o f the crown ether on the stability o f metal- 
ion complexes at 298.15
Cation Solvent
K+
Pb2+
Ag+
MeOH
HjO
HjO
18 crown 6
o
6.10
4.27
1.50
diaza 18 crown 6
o
3.98
7.01
7.94
dithio 18 crown 6
o
1.15
3.13
4.34
Hi) The effect o f substituents in the ligand structure
The binding properties o f crown ethers with metal cations is strongly dependent on the 
nature o f the substituent in the ligand structure. Thus, the introduction o f benzene 
rings in the structure o f 18 crown 6  leads to significant effects on the binding 
properties o f the crown for metal cations. Representative examples are found in the 
stability constants o f 18 crown 6  and dibenzo 18 crown 6  with metal cations in 
methanol at 298.15 K. The data are shown in table 1.23.
Table 1.23 Effect o f substituents on the stability o f metal-ion complexes in 
methanol in 298.15
18 crown 6 Dibenzo 18 crown 6
Cation logK, Cation logK ,
K+ 6.05 K+ 5.05
Rb+ 5.32 Rb+ 4.23
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The data show the electron withdrawing effect o f the benzene rings on the donor 
atoms o f the crown ether which results in a decrease in the stability o f metal-ion 
complexes o f dibenzo 18 crown 6  relative to those for 18 crown 6  as reflected in table 
1.23.
More dramatic effects are observed by the introduction o f functional groups in the 
structure o f crown ethers. Such is the situation when two carbonyl oxygens in the form 
o f ester linkages are introduced in the structure o f 18 crown 6 . This is corroborated by 
stability constant data for 18 crown 6  and dioxo 18 crown 6  and metal-ions methanol 
at 298.15 K shown in table 1.24.
Table 1.24 Stability constants for 18 crown 6  and dioxo 18 crown 6  with metal 
cations in methanol at 298.15
Ligand Cation log
Na+ 4.36
K+ 6.05
Na+ 2.50
K+ 2.79
iv) Nature o f the solvent effect
The stability constants o f crown ethers and metal cations change strongly with the 
reaction medium. Extensive studies carried out by Danil de Namor and co-workers*^ 
have demonstrated that although the solvation properties o f the macrocycle, the metal 
cation and the complex need to be considered in the interpretation o f the complexation 
process, in the particular case o f crown ether and cryptands, the solvation o f the cation 
plays a predominant role in the binding of these macrocycles with cations. The most 
convenient way to visualise these effects is by the use o f the following thermodynamic 
cycle.
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reference solvent ( s j  : m "*" + L  > ML"^
solvent (Sg) : M+ + L c^G (S2) ^ ML+
where is the metal ion, L is the ligand and ML'^is the metal ion-ligand complex.
denotes the Gibbs energy complexation and \G °  is the transfer free energy from 
the reference from the reference solvents, s^  to another, Sj, for the metal cation, the 
ligand and the metal-ion complex.
Variation o f complex stability with the medium is illustrated in the data shown in table 
1.25.
Table 1.25 Stability constants of 18 crown 6  and the potassium cation in various 
solvents at 298.15
Solvent logBC^ Solvent log
MeOm
MejSO'^
2.03
6.05
3.71
AN**
PG«
5.70
6.32
Water, **methanol, ®dimethylsulfoxide, **acetonitirle and ^propylene carbonate.
The data indicates that solvents which are good solvators for the cations are not 
suitable media for complexation. Such is the case for water, cations are well hydrated
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in water and therefore, these are reluctant to enter complexation with the crown ethers 
in aqueous medium.
I.3.2.3. Crown ether-lithium interactions
Since this thesis concerns the selection o f new lithium coronand electrolytes for use in 
battery technology, it seems appropriate to discuss literature values on the 
complexation o f lithium and crown ethers in the various solvents. Thus, Holland and 
co-workers in 1979 reported the stability constants o f crown ethers (12 crown 4, 15 
crown 5 and 18 crown 6 ) with alkali (Na+, K+, Rb+ and Cs+) and alkaline earth (Ca2+, 
and Ba2+) metal cations in water at 298.15 K. These authors reported that no 
complexation occurs between these crown ethers and lithium in water. This is 
attributed to the highly hydrated state o f this cation in this solvent.
Other investigations involving 12 crown 4 and metal ions have been reported by 
Buchmann^  ^ using methanol as the solvent. Conductimetric studies demonstrated the 
formation o f a 2 : 1 (crown ether) complex o f lithium and 12 crown 4 in methanoF^. 
Formation o f 1 : 1 complexes of lithium and this ligand has been reported in other 
solvents.
As far as 1-benzyl-1-aza-12 crown 4 is concerned, the synthesis o f this macrocycle was 
reported by Gokel and co-workers in 1985^°. Although some NMR o f metal-ion 
complexes in CD3OD were carried out, nothing was mentioned about the 
complexation o f this crown ether with lithium.
A series o f monoaza crown ethers o f 12 crown 4 (Fig. 1.19, a and b) and 15 crown 5 
(Fig. 1.19, c, d and e) known as lariat ethers were studied^* with respect to their 
complexation with alkali (Li+, Na+ and K+) and alkaline earth (Ca2+ and Sr2+ ) metal 
cations in methanol : water (95 : 5; v/v) mixtures at 298.15 K. In table 1.26, the 
stability constants o f these ligands and metal cations in the methanol : water mixture 
are reported. These have been derived from potentiometric titration studies.
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b  N-CH3 o  N-CH2CH2OCH3
O v
(a) (b)
X  " 1  r °  X  °I N -C H 3  [ N-CH2CH2OCH3 I N -C H 2C H 2O H
Figure 1.19 Structures o f monoaza crown ethers (lariat ethers).
Table 1.26 Dissociation (KJ of the monoprotonated crown ethers and stability 
constants o f metal ions in water-methanol mixtures^ at 298.15 K^ *.
logK ,
Monoaza 
crown ether
PKa Li+ Na+ Na+^ K+ Ca2+ Sr2+
(a) 9.92 <2 .0 2 .1 0 2.03 1.80 2.35 2.75
(b) 8.96 <2 .0 3.10 2.73 2.36 3.31 3.59
(c) 9.58 <2 .0 3.41 3.30 2.90 3.24 3.63
(d) 8.82 1.96 3.81 3.73 3.73 3.67 5.17
(e) 8.90 2.34 3.95 3.62 3.71 4.57 5.54
^95 : 5 methanol : water mixture.
The stability o f lithium with these crowns is not very high and not marked selectivity is 
shown by these ligands in their complexation with metal cations in this medium.
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Gokel and c o - w o r k e r s ^ ^  stated that lariat ethers differ from crown ethers in their ability 
to complex metal cations due to the participation of both; the macroring and the side 
arm in the binding process. These authors also indicated that for macrorings containing 
12  atoms, among the alkali-metal cations, lithium is the only ion which is able to 
interact with the ligand. In the same paper, Gokel and co-workers reported the stability 
constants o f N-substituted lariat ether derivatives with Na+, K+ and NH4+ in anhydrous 
methanol at 298.15 K. These data are shown in table 1.27.
Table 1.27 Stability constants for N-substituted crown ether derivatives (lariat 
ethers), with metal cations in methanol at 298.15
/----------------- log K ,--------------- ^
o.
R group Na+ K+ NH4+ Na+ Na+
H       1.70 2.69
CHjCHjCHjOH 2.35 ____  ____  ____  ____
CH2CH2OCH3 3.25 2.73 3.06 3.88 4.58
CH2CH2CH2OCH3 3.60     4.54 4.33
These ligands are unable to compete with the solvent in their interaction with lithium 
and therefore, no complexation with this metal cation was observed.
The complexation o f lithium with 12 crown 4 in methanol at 303.15 K was studied by 
Erk®3 using dipole-dipole relaxation time measurement. A log value o f 2.87 was
reported.
Studies on the electrochemical and electrical properties o f films o f polyethylene oxide 
(PEG) electrolytes in the presence and absence o f 12 crown 4 as a function o f the
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temperature were carried out Nagasubramanian and Di Stefano^ "^ . These measurements 
made on electrolytes containing with various anions (trifluoromethanesulfonate, 
tetrafluoroborate and perchlorate) demonstrated that 12 crown 4 improves the ionic 
conductivity o f PEO.
The dynamics o f 12 crown 4 and its LiNCS complex in their solid state as studied by 
solid-state NMR was reported by Ratcliffe and co-workers^^. More recently, 
various amine-armed aza-12-crown 4 as new lithium ion-specific ionophores were 
reported by Tsukube and co-workers^^. NMR binding experiments demonstrated 
that Li+ cation is cooperatively coordinated with both, the functionalised sidearm and 
the parent crown ring.
Some o f the applications o f crown ethers have been discussed by Gokel^ "^ . These can 
be used a) complexing agents, b) models for cation transport, c) solubilising agents for 
metal cations and, e) catalysis, etc.
7.5.5. Cryptands
Cryptands were synthesised by Lehn in 1969^ .^ Unlike crown ethers, these are 
macrobicyclic ligands which are characterised by the presence o f an intramolecular 
cavity able to host metal cations. Like crown ethers, cryptands can interact with amino 
acids through hydrogen bond formation^ .^ The three dimensional cavity contains 
nitrogen and oxygen atoms which are the binding sites for interaction with metal 
cations. The structures o f various cryptands are shown Fig. 1.20. Approximate cavity 
diameters are listed in table 1.28.
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Cryptand 211
o
Cryptand 221
;N Nr
o_
• 0  o
Cryptand 2 2 2
Cryptand 322
V (
V
Cryptand 332
Ô b N(
\ - o  O—/
v _ /
Benzo Cryptand 222
HO
Dibenzo Cryptand 2 2 2
Figure 1.20 Structures o f various cryptand molecules.
Table 1.28 Abbreviations and approximate cavity diameters o f cryptands.
Ligands Abbreviation Cavity diameter (A)
Cryptand 111 111 1.0
Cryptand 211 211 1.6
Cryptand 221 221 2 .2
Cryptand 2 2 2 2 2 2 2 .8
Cryptand 322 322 3.6
Cryptand 332 332 4.2
Cryptand 333 333 4.8
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I.3.3.I. Conformation of cryptands
According to the position o f the nitrogen bridge heads, three different conformations
have been reported for cryptands^ .^ These are
i) Endo-endo conformation in which both lone pairs o f electrons in the nitrogen 
atoms are directed towards the centre of the cavity. This is the conformation 
found for metal-ion cryptate complexes as demonstrated by X-ray diffraction 
studies'^^
ii) Exo-endo conformation which corresponds to the situation in which the lone pair
o f one o f the nitrogen atoms is directed towards the centre o f the cavity while the
other is away from the cavity.
iii) Exo-exo conformation. The lone pairs of the two nitrogen atoms o f the cryptand
macrocycle are directed away from the centre o f the cavity.
An schematic representation o f these conformations is shown in Fig. 1.21.
N : : N
endo-endoexo-exo exo-endo
Figure 1.21 Schematic representation of the various conformations o f cryptand 
(%%2 ).
I.3.3.2. Complexation of cryptands with metal cations
Cryptands are able to form inclusion complexes with metal cations. These are known 
as metal-ion cryptâtes. As a result o f the complexation process, small inorganic cations 
are converted into large, spherical cations. Extensive studies carried out by Danil de 
Namor and co-workers^^ on the thermodynamics o f complexation o f cryptands with 
metal cations in dipolar aprotic media demonstrated that
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i) As far as univalent cations are concerned, full desolvation o f the cation occurs 
upon complexation. Thus, a linear relationship was found between the entropy of 
solvation, of a given o f alkali-metal cation in a given solvent and the
entropy o f complexation, A^S° o f that cation in that solvent
AgS° = constant - Ag^ i^ S® eqn. 1 .1 0
ii) The strength of complexation of univalent cations by cryptands is merely
controlled by the state o f solvation of the cation in the solvent. Thus, the
relationship between complexation and transfer data (eqn. 1.4) is followed by 
these systems to the extent that has been successfully used for the derivation o f  
single-ion values for monovalent cations. In this particular aspect, cryptands 
behave in a very similar manner to the natural antibiotics as demonstrated for the 
first time in the preceding section o f this thesis (see Fig. 1.7).
iii) The above statements do not apply to tervalent cations^ .^ Indeed, complexation 
and transfer data mainly in terms of enthalpy showed that
AtH°0VP+)(Si-^S2) = AtH°(lVP+2 2 2 )(Si->S2) eqn. 1.11
A direct implication o f eqn. 1.11 is that in metal (HI) cryptâtes (M^+222), the solvent is 
able to selectively recognise the cation (M^+) in the complex.
Some representative data for the stability constants o f cryptand 222(222) and alkali- 
metal cations in acetonitrile and in propylene carbonate at 298.15 K are given in table
1.29.
44
Chapter 1 Introduction
Table 1.29 Stability constants of cryptand 222 and alkali-metal cations in 
acetonitrile and in propylene at 298.15 K.
logK.
Cation
Li+
Na+
K+
Rb+
Acetonitrile
6.7*
10.9*
11.4b
9.7*
Propylene Carbonate 
2.494 
10.34
1 1 .0 *
9.14
*Ref 72, bRef 73, *Ref 74, 4Ref 75 and *Ref 76.
The data show that metal-ion cryptâtes are much more stable than metal-ion coronands 
due to the distinctive difference between the former (cavity) relative to the latter (hole) 
ligand.
1.3.4. Spherands
An interesting development in the field o f macrocyclic chemistry is the discovery o f the 
spherands by Cram'^ '^ . Spherands are macrocyclic or macropolycyclic systems that 
contain enforced cavities fully organised for complexation durign the synthetic 
procedure rather than during the complexation process. A representative example is 
given in Fig. 1.22 for the lithium complex o f the spherand known as spheraplex'^ .^
Me
T o '
Me Me
Me
Me'
Figure 1.22 The structures of spheraplex and its lithium complex.
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The concept o f preorganisation in the field o f macrocyclic chemistry introduced by 
Cram'7^  aimed to design synthetic molecules able to mimic the receptor sites o f 
enzymes, genes and antibodies which are characterised by a high degree o f  
preorganisaion. Stability constants (log K^ ) o f spheraplex with lithium and sodium in 
DgO saturated with CDCI3 at 298.15 are given in table 1.30.
Table 1.30 Stability constants o f spheraplex with lithium and sodium metal cations 
in DjO saturated with CDCI3 at 298.15
Cation log
Li+ >16.85
Na+ 14.15
As far as strength o f complexation o f macrocyclic ligands with alkali-metal cations is 
concerned, the following sequence is observed.
spherands > cryptands > crown ethers
1.3.5. Calixarenes
Calixarenes were introduced by Gutsche in 1978^k These are cyclooligomers obtained 
from the condensation of formaldehyde with /?-alkylphenols under alkaline 
conditions'^ These molecules characterised by a hydrophobic cavity situated between 
the benzene rings, have a very high melting point (300°C or above) due to the 
intramolecular hydrogen bonds between the phenolic OH groups. The strength o f  
hydrogen bonding has been established by IR and NMR. The basic structures o f  
calixarenes are shown in Fig. 1.23.
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OH
■OHHO
OH
OH
HOOH
OH
HOOH
OH HO,
/?-/er/-butylcalix(4)arene /?-/^r/-butylcalix(5)arene /?-/er/-butylcalix(6 )arene
OH HO
OH HO
HO.
OH HO
OH HO
HO,OH
/?-^er/-butylcalix(7)arene /?-?er^-butylcalix(8)arene
Figure 1.23 Structures of/?-/er/-butylcalix(n)arene (n = 4 - 8).
Parent calix(n)arenes (n = 4, 6 , 8) are characterised by their low solubility in most 
solvents as reflected in the work carried out by Danil de Namor and co-workers^^. On 
the basis o f solubility data these authors derived the solution Gibbs energies o f p-tert- 
butylcalix(n)arenes (n = 4, 6 , 8) in various solvents including nitrobenzene and 
benzonitrile. Taking acetonitrile as the reference solvent, the transfer Gibbs energies, A 
tG° o f these macrocycles from acetonitrile to other solvents were calculated. The 
different A^ G° values obtained reflected the selective solvation that parent calixarenes 
undergo with the various solvents. Thus, a selectivity index in calixarene chemistry 
concerning their interaction with the solvent was for the first time established.
In the case o f /?-/er^butylcalix(4)arene, the relative orientation o f the phenol units is 
shown in Fig. 1.24. Gutsche^  ^ introduced the terminology "cone", "partial cone", "1,2- 
altemate" and "1,3-altemate" to indicate their conformation.
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ORR
R = H cone partial-cone 1,2 -altemate
R
1,3-altemate
Figure 1.24 Conformers of/?-substituted calix(4)arenes.
A fascinating aspect in the area o f calixarene chemistry is the synthesis o f their 
derivatives obtained by fiinctionalisation of the phenolic hydrogens o f the lower rim of 
calixarenes. Representative examples o f calixarene derivatives are the esters, amides 
and ketones^ "^ . These are shown in Fig. 1.25.
n = 4,6 ,8 ,etc
R= CH2 COOCH3  ester
R= CH2 COONH2  amide
R= CH2 COCH3  ketone
Figure 1.25 Representative examples o f calixarene derivatives.
Derivatives o f calix(4)arenes are particularly interesting since in addition o f the 
hydrophobic cavity inherent o f the parent molecule, these possess a hydrophilic cavity 
resulting from their lower rim fiinctionalisation. The latter is able to interact with metal 
cations. Thus, ethyl /?-/er/-butylcalix(4)arene tetraethanoate has shown to selectively 
complex alkali^ ,^ alkaline-earth and lanthanide metal cations^ .^ The first enthalpy data 
on this macrocycle and metal cations in acetonitrile and in methanol were reported by 
Danil de Namor and co-workers^ .^ More recently these authors have reported 
extensive studies on these systems^ »^^  ^ Some o f the applications o f calixarenes have 
been reported^®. These can be used a) for the design o f ion-selective electrodes, b) as 
phase transfer agents, c) as solubilising agents for metal cations and, d) for the 
selective transport o f cations across membranes.
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1.4. BRIEF INTRODUCTION TO LITHIUM CHEMISTRY
Lithium chemistry has received considerable attention in recent years as reflected by 
the number o f research publications and review articles in this area^  ^ This is due to the 
wide range o f b iological and industrial applications^ '^^ "* o f lithium.
Among the latter, lithium batteries have become significant electrochemical power 
sources. The increasing military and commercial requirements for light-weight, high- 
performance battery systems resulted in the design o f a range o f cells based on lithium 
anodes^ .^ The requirements for an efficient lithium battery include high specific energy 
density and long shelf life. There are two types o f lithium cells currently available.
i) The conventional lithium cell
ii) The 'Rocking-chair' system^ .^
The conventional lithium cell
The conventional lithium cell consists o f i) a lithium anode, ii) a cathode (SOClj, VjOj, 
SO2, FeSj and TiSj ,etc). A diagram for a conventional lithium cell is shown in Fig. 
1.26.
Q
Li - (g )
CF3SO3
U + n
Anode bulk electrolyte Cathode
Figure 1.26 The lithium cell o f the conventional high energy lithium battery.
49
Chapter 1 Introduction
These batteries have higher-rate capacities, energy densities, longer active lifes than 
the traditional lead-acid battery type. In addition, lithium batteries are more 
environmentally friendly than the lead battery. The approximate open-circuit 
equilibrium cell voltages for these various cathode-systems are shown in table 1.31.
Table 1.31 List o f open-circuit equilibrium cell voltage for various cathode systems
in conventional lithium batteries.
Cathode systems Voltage (V)
Thionyl chloride (SOClj) 
Vanadium oxide (VgOg) 
Sulphur dioxide (SOj) 
Molybdenum trioxide (M0 O3) 
Copper fluoride (CuFj)
Silver Chromate (AggCrO^) 
Copper sulphide (CuS)
3.6
3.4
2.9
2.9
3.4 
3.0 
2.2
I.4.O.2. Rocking-chair lithium cell
In the rocking chair system; the metallic lithium anode is replaced by lithiated carbon 
or intercalated with LiTiSj^  ^ while the cathode consists o f a lithium metallic oxide 
(LiCoOj, LiMji2 0 4 , etc) This cell system is shown in Fig. 1.27.
e* e-
L i+ L i+
L i+
L i+ L i+
L i+
L i+ L i+
L i+
L i+
L i+
Anode Cathode
Figure 1.27 The concentration cell o f the 'Rocking-Chair' type.
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The "Rocking-chair" concept^^’^ "^^^^® offers an environmentally friendly and safer 
alternative to metallic lithium and the more conventional lead acid and nickel-cadmium 
system. It has a reasonable high open-circuit voltage (~ 4.0 V) and good charge- 
discharge efficiency extended cycle. A solution o f lithium salts (hexafluoroarsenate, 
tetrafluoroborate, trifluoromethanesulfonate and perchlorate) in propylene carbonate 
(PC) are the electrolytes currently used.
The basic cell structure is given as :
Li^Cg / LiX in PC-EC / Li(i.x)Co0 2  (or Li(i.x)^0 2 ) eqn. 1.12
where LiX is the lithium salt (e.g. LiClO^), PC-EC denotes propylene carbonate and 
ethylene carbonate solvent mixture, and Y is a transition metal (e.g. Ni or Mn). 
Lithiated petroleum coke is used as the anode material.
The operating mechanism of the cell is the excess o f cyclable lithium provided from the 
lithium rich compound at the cathodic side. In this way, the cell is assembled in their 
final rocking chair configuration by coupling the lithium-storing cathode compound 
(LiCo0 2 ) with a lithium-accepting anode. After the charging process, Li+ ions are 
transferred from the cathode to the anode. It is called the "Rocking-chair" system 
because Li is rocking from one side to the other.
This thesis is not concerned with the design o f lithium batteries. The main aim o f the 
work is to select new electrolytes to be tested in lithium batteries. Therefore, some o f  
the problems associated with the electrolytes and solvents used in battery technology 
are now outlined.
1.4.0.3. Problems associated with electrolytes and solvents currently used 
in lithium battery technology
A major problem in the development o f high energy lithium batteries concerns the 
electrolyte solutions. Noting that Army requirements include rechargeability o f lithium
51
Chapter 1 Introduction
and operation at very low temperature (to -40°C) the following is a discussion o f the 
barrier problems.
1. Since a cell utilising a lithium anode requires an inert (non-protic) solvent, a non- 
aqueous solvent is required. One of the problems with non-aqueous solvents 
known to be important from the point o f view o f lithium cell developments [2 - 
methyl tetrahydrofurane (2-MeTHF) and the esters, methyl formate (MF) and 
methylacetate (MA)] is that electrolytic conductances are extremely low due to 
both, the low dielectric constants o f these solvents (s between 7 to 9) and the 
tendency of electrolytes to form non-conducting species, such as ion pairs, 
dimers, and as yet unidentified high aggregates^^k To prevent formation o f these 
non-conducting species in solution, one requires electrolytes which have very 
large ion radii. However, lithium is one of the smallest cations, and therefore, has 
a great tendency to associate with anions. To decrease the association o f lithium 
salts in non-aqueous solvents, one must use a salt having an anion o f very large 
radius as AsFg-, PI1B4- and other organic anions^^^
Some success has been achieved, but problems encountered are :
i) lithium salts with some of the large anions are not sufficiently soluble to permit 
the high concentrations required for high conductivity.
ii) large organic anions may react with both the lithium anode and the positive 
cathode.
iii) conductances still require improvement, particularly at low temperatures and
iv) organometallic lithium salts are generally unstable in organic solvents as these are 
generally characterised by high heats of solution which results in the formation of 
organic radicals and polymerisation o f the electrolyte solution.
2. It is obvious that lithium salts with smaller (but more stable anions) such as 
bromide, chloride and perhaps; fluoride will exhibit increased stabilities, but 
employing lithium salts with smaller anions leads to insoluble salt/or salts which 
tend to association resulting in very low conductivities in low dielectric media.
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It becomes clear from these statements that the selection of the electrolyte and the 
solvent is o f fundamental importance in the development o f both primary and 
secondary lithium batteries. For aprotic solvents o f low permittivity, high and 
audiofrequency conductivity data have been used to elucidate the nature o f electrolyte 
solutions. However, this information can be misleading. Therefore, it is imperative to 
generate thermodynamic data for the transfer process o f lithium containing electrolytes 
to low permittivity media. These data are not available at present. The current 
collection o f body o f data about the thermodynamic o f transfer o f 1 : 1 electrolytes 
does not go beyond dichloromethane (e = 8.9). These results recently reported by 
Danil de Namor and co-workers^^  ^ do not include free energy data for the transfer o f  
lithium salts. This is not surprising due to the experimental difficulties associated with 
common lithium salts. In fact, very few data are available in the literature on the 
thermodynamic parameters of transfer o f lithium salts from water to relatively low 
permittivity media. The need for such data has been stressed in other areas o f research.
Solution to the problems and obstacles outlined at the beginning can be found in the 
area o f macrocyclic chemistry. One o f the most fascinating properties o f macrocyclic 
ligands such as crown ethers and cryptands is their use as solubilising agents for metal 
salts (M+X-) into non-aqueous and even non-polar solvents^® .^ This property is the 
result o f a complexation reaction between a metal cation (M+) and a macrocyclic 
ligand (L) in a given reaction medium (s). The process is described by
M+(s) + L (s) > M+L(s) eqn. 1.13
The resulting organic cation (M+L) (coronate or cryptate depending on L being a 
crown ether or a cryptand) will be characterised by different solubility properties to 
that o f the uncomplexed cation. It should be emphasised, that use o f electrolytes 
containing lithium coronates or cryptâtes not only aims to overcome the solubility 
barrier found for most electrolytes in low permittivity media, but equally important, 
their use will result in considerable reduction o f ion-pair formation in these media and 
thereby, results in an increased conductivity. In a recent publication by Morita et aF®^  
on the cycling behaviour o f the TiS2 electrode, these workers found that the discharge 
capacity and the rechargeability o f Li/TiS2 cell are improved by the addition o f 12  
crown 4 to a system containing LiClO  ^ as electrolyte and propylene carbonate as a 
solvent. In the same publication, these authors indicated that the size and strength o f  
the lithium complex in the solvent are critical parameters on the charge-discharge 
properties o f the cell. The promise offered by these studies are to be taken into 
account.
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Since this thesis deals with interactions between
a) cyclodextrins and drugs in water
b) crown ethers and lithium salts
the aims for each topic are outlined separately.
a) Interactions between cyclodextrins and drugs
Taking into account the interesting results previously reported by Danil de Namor and 
co-workers^® on the interaction o f cyclodextrins and sulfonamides in water and in 
chloroform by using a thermodynamic approach, the main aim o f this section is to 
focus attention mostly on the energetics o f complexation o f cyclodextrin (a, p & y), 
and cephalosporins in water in order to obtain information regarding the strength o f  
complexation o f cyclodextrins and cephalosporins in this solvent. In an attempt to 
elucidate the active sites o f complexation o f the macrocycle and the drug in this 
solvent, NMR investigations are carried out (Scheme 1).
NMR studies
Cyclodextrins and Cephalosporins
Thermodynamics o f complexation 
z\,S«)
CD(aq) + Drug(aq) —> CD-Drug(aq)
Scheme 1. Research strategy for cyclodextrin-cephalosporin interactions.
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b) Interaction between crown ethers and lithium salts. Objectives
This main purpose o f this research is to obtain from complexation and transfer
thermodynamic data in solvents currently used in battery technology, the information 
which is required to formulate the basis for the selection o f new electrolytes which may 
be o f potential use in high energy lithium batteries. The main feature o f these 
electrolytes is the large radii o f the cation which could be achieved by complexing it in 
the hole o f the macrocycle ligand. Electrolytes containing cations o f large size are 
likely to show a marked solubility and a reduction o f ion-pair formation in non- 
aqueous media. Both conditions are required to overcome the barriers found in the 
development o f high energy lithium batteries by the use o f common lithium salts. Use 
o f these electrolytes is also expected to give a major stability to the lithium anode 
which is often subject to corrosion and inefficiency in lithium plating. Due to time 
limitations electrode-electrolyte interactions will not be considered in this research.
The aims o f this work are
a) to determine the strength of complexation o f lithium (hexafluoroarseante, 
tetrafluoroborate, trifluoromethanesulfonate and perchlorate) and crown ethers 
(12 crown 4 and l-benzyl-l-aza-12 crown 4) in acetonitrile and in propylene 
carbonate in order to proceed with the isolation o f lithium coronand electrolytes.
b) to study the solvation properties of the host (12 crown 4 and l-benzyl-l-aza-12 
crown 4), the guest (lithium hexafluoroarseante, lithium tetrafluoroborate, lithium 
trifluoromethanesulfonate and lithium perchlorate) and the resulting complexes in 
these solvents from interpretation o f solution data. These studies are expected to 
provide the basis for the prediction o f the conductance behaviour o f lithium 
coronand electrolytes in these solvents.
c) Using complexation and transfer thermodynamic data, attempts will be made to 
derive the thermodynamics associated with the process where reactants and 
products are in their pure physical state.
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In addition, conductance and NMR studies on these systems will be carried out at
298.15 K. The strategy adopted for this research is summarised in Scheme 2.
Thermodynamics of complexation 
(AG°,AH°,AS°)
Li+(s) + CE(s)->Li+CE(s)
^Hand^^CNMR 
studies
r  '  ’ \ r \
Lithium salts. Isolation of lithium 1
Crown ethersLiX coronand salts; [LiCEJX 1
Conductance
measurements
SolutionThermochemistry ( A^H°) 
LiX(soHd) - >  Li+(s) + X (s) 
[LiCEXl(solid) —> Li+CE(s)+X-(s) 
CE(solid or liq.) —>CE(s)
Enthalpies of transfer;
Enthalpies of coordination 
LiX(solid) + CE(liq.) —>LiCEX(solid)
Scheme 2. Research strategy for the selection o f lithium coronand electrolytes.
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2.1. LIST OF CHEMICALS AND THEIR ABBREVIATIONS
The chemicals used during the course o f this research, their abbreviations and sources 
are given as follows :
a-cyclodextrin (a-CD), Aldrich Chemical Company 
P-cyclodextrin (P-CD), Sigma Chemical Company
y-cyclodextrin (y-CD), a gift from the US Army Research Laboratories at Ft. 
Monmouth.
Sodium cephaloridine (NaCepd), Eli Lily
Sodium cefuroxime (NaCefii), Eli Lily
Sodium cefoxitin (NaCefo), Eli Lily
Sodium cephalothin (NaCeph), Eli Lily
12 crown 4 (12C4), 99% Aldrich Chemical Company
18 crown 6  (18C6), 99% Aldrich Chemical Company
l-benzyl-l-aza-12 crown 4 (BA12C4), 97% HPLC grade, Aldrich Chemical Company
Lithium hexafluoroarsenate (LiAsFg), 99% Aldrich Chemical Company
Lithium tetrafluroborate (LiBF^), 99% Aldrich Chemical Company
Lithium trifluoromethanesulfonate (LiCF^SO^), 96% Aldrich Chemical Company
Lithium perchlorate (LiClO^), 99%, Aldrich Chemical Company
Propylene carbonate (PC), Aldrich Chemical Company
Acetonitrile (AN), (HPLC) Fision Chemical Company
Deionised water (HjO)
Methanol (MeOH), (HPLC) Fison Scientific Apparatus Laboratory Supplies 
Hydrochloric acid (HCl), Aldrich Chemical Company 
Sulphuric acid (HgSO^), Aldrich Chemical Company 
w-propan-l-ol (PrOH), Hayman Ltd.
Sodium hydroxide (NaOH), Aldrich Chemical Company 
Acetone (CH3)2CO, Aldrich Chemical Company
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Toluene (CHgCgHg), Aldrich Chemical Company
Tris(hydroxymethyl)aminomethane (TRIS), Aldrich Chemical Company
Potassium chloride (KCl), Aldrich Chemical Company
Deuterium oxide (DjO), Aldrich Chemical Company
Deuterated acetonitrile (CDgCN), Aldrich Chemical Company
Sodium-2,2“dimethyl-2-silapentane-5-sulfonate (DSS), Aldrich Chemical Company
Molecular sieves (4Â), Aldrich Chemical Company
Calcium Chloride (CaClj), Aldrich Chemical Company
Barium Chloride (BaClj), Aldrich Chemical Company
Calcium hydride (CaHg), Aldrich Chemical Company
Tetramethylsilane (TMS), Aldrich Chemical Company
1,4-dioxane, Aldrich Chemical Company
2.2. PURIFICATION OF SOLVENTS
Acetonitrile^®® was first refluxed with CaHj for several hours and then distilled. Only 
the middle fl^action o f the solvent was collected. Its water content determined by Karl 
Fischer titration was found to be less than 0.02%. The solvent conductivity measured 
by a Wayne-Kerr Autobalance Universal Bridge, type B642 was MO*'^  S cm'^  at
298.15 K.
Propylene carbonate^®® was stored overnight over dried 4Â molecular sieves and 
then, it was distilled under pressure. The water content o f the solvent determined using 
the same procedure as described for acetonitrile, was less than 0.02%. Its conductivity 
at 298.15 K was found to be (1 - 4)-10*  ^S cm-i.
Methanol was purified according to the procedure described by VogeP®  ^ using 
magnesium turnings (5g) and iodine (0.5g). The mixture was warmed until the iodine 
had disappeared. Heating was continued until the magnsium was completely converted 
into magnesium methoxide. The alcohol was then added and refluxed for 30 minutes.
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Methanol was fiirther purified by fractional distillation. The water content o f the 
solvent determined by Karl Fischer titration was found to be less than 0.02%.
Propan-l-oF®® was distilled from anhydrous potassium carbonate. Only the middle 
fraction o f the solvent was collected.
Acetone^®® was refluxed with CaH  ^and fractionally distilled (twice).
1,4-dioxane^®® (300 ml) was refluxed with a mixture o f water (30 ml) and 
concentrated HCl (4 ml) for several hours. A slow stream of Nj was passed through 
the solution. Then, the solution was cooled down at the room temperature. KOH 
pellets were added to the solution until a separate layer was formed. The upper layer 
o f dioxane was decanted and it was then dried with fresh KOH. The solution was 
fiirther refluxed and then dried overnight with sodium.
2.3. PURIFICATION OF CHEMICALS
Tris(hydroxymethyl)aniinoniethane^®^ (THAM) was twice recrystallised from a 
water : methanol (50:50) mixture. The crystals were washed with methanol and dried 
at room temperature for twenty four hours and then these were stored in a vaccum 
dessicator for three days.
Cyclodextrins were kept in a drying pistol at 60°C under low pressure for three days 
before use.
12 crown 4 and l-benzyl-l-aza-12 crown 4 were used without further purification.
Lithium hexafluoroarsenate, lithium tetrafluoroborate and lithium perchlorate
were left in a desiccator containing CaClj for several days before use. Lithium  
trifluoromethanesulfonate was recrystallised from an acetone/toluene (1:4) mixture. 
Then it was dried at 60°C under low pressure for several days before use.
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Potassium chloride was twice recrystallised from distilled water and dried in a drying 
pistol at 120°C for three days before use.
2.4. PREPARATION OF LITHIUM CORONAND SALTS
Solid complexes o f cyclic polyethers (such as [Li+12C4]AsFg-) were prepared by 
dissolving stoichiometric amounts o f the crown ether (12C4) and the appropriate 
lithium salt (LiAsFg) in methanol. The solvent was carefiilly removed by evaporation, 
and the solid residue was dried under low pressure for several days. Microanalyses 
were carried out at the University o f Surrey.
2.5. TITRATION CALORIMETRY
Titration calorimetry is a technique developed by Izatt and co-workers in the 70's for 
the simultaneous determination of the stability constant (hence free energy) and 
enthalpy for the complexation process involving metal cations and macrocyclic 
ligands^ ®®. This technique measures the temperature changes produced during the 
course o f the titration.
The range o f applicability o f titration calorimetry as far as stability constants are 
concerned is limited to values between 1 and 6  log units. The selection o f methods for 
the determination o f the equilibrium constant for a given process depends on the 
magnitude o f such a constant. If log Kg > 6 , it would be difficult to make accurate 
calculations o f Kg. In cases where very small heats are involved in the complexation 
process, log Kg values can be subjected to consideable errors. For low stability 
constants (log Kg < 1), the percentage o f complexation that can be achieved is very 
small. Consequently, extrapolation to 100% could lead to inaccurate enthalpy data.
Before proceeding with a description of the experimental procedures performed during 
the course o f this work, it is appropriate to give a brief introduction about the type o f  
calorimeters used for the derivation of thermodynamic data for the systems under
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Study. These are i) The four channel heat conduction microcalorimeteri^® and ii) The 
Tronac 450 macrocalorimeter designed by Christensen and Izatt^^k
2.6. THE FOUR CHANNEL HEAT CONDUCTION 
MICROCALORIMETER. PRINCIPLES ®^
The four channel heat conduction microcalorimeter (Thermometric 2277) designed by 
Suurkuusk and Wadso^^®, consists of a basic unit containing a thermostated water bath 
which can hold up to four independently channels o f the thermopile heat conduction 
type. This microcalorimeter is constructed as a twin system; where the thermopiles in 
the reaction vessel are connected in opposition to the thermopiles in the reference 
vessel as shown in Fig. 2.1. Thus, the heat released or absorbed during the course o f a 
reaction is transferred from the calorimetric vessel to a surrounding heat sink to give 
the total heat flow which is proportional to the temperature difference between the 
reaction vessel and the sink. This flow is registered by a thermopile which generates a 
potential signal. The calorimetric assembly consists o f permanently installed flow 
vessels made up by spiral gold tubes (Fig. 2.2) and different types o f stirrers (Fig. 2.3). 
The titration-perfiission vessels shown in Fig. 2.4 are developed for use in titration, 
mixing and dilution experiments. Usually, this vessel is introduced stepwise to the 
measurement position using a procedure by which the vessel is kept in two or three 
heat exchange positions in order to avoid an excess disturbance o f the temperature of  
the heat sink. Typically, the stepwise introduction requires twenty minutes.
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«3»
, 65 mm ^
B
Figure 2.1 A 4-channel microcalorimeteri^®. A, cutaway view o f the basic unit 
shown with one twin calorimeter. B, positioned in the thermostated 
water bath, a, steel cylinder; b & d, aluminum block; c, the twin 
calorimetric unit shown between the two main heat sinks; e, holder for 
insertion vessels; f, thermocouple plate.
63
Chapter 2 Experimental Procedures
A B
Figure 2.2 A microcalorimetric sy stem ^ A , twin calorimetric unit equipped with 
combined flow vessels and holders for insertion vessels, a, mixing 
vessel; b, flow-through vessel. B, cutaway view o f the flow mixing 
vessel the mixing T-piece (encircles).
&
9mm
I------- \
C3CS>J«^Tra »
c a  cs5>
,0 0 ,
B D
Figure 2.3 Different types o f stirrers used in the reaction vessefl^®. A, simple 
propeller, B, spoon stirrer with propellers, C, cage made fi’om Kel-f, D, 
E and F different models o f turbine stirrers giving different flow 
patterns.
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e
a
c
f
d
B D
Figure 2.4 Simplified picture of stirred insertion vessels used for titration i^®. A, 
insertion shown in measurement position. B, insertion vessel, a, tube o f  
insertion o f titration hypodermic needle, b, motor, c, brass bolts (heat 
exchangers), d, calorimetric vessel. C, titration vessel, e, hypodermic 
needle, f. Teflon seal, D, vessel used in the mode. Arrows indicate flow 
pattern, g, turbine stirrer.
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ÙQ-
In a single thermocouple, the heat flow —  is proportional to the temperature 
diflference, AT, between the reaction vessel and the heat sink (eqn. 2 .1).
^  = k M i  eqn. 2.1
d^
where is the eflfective heat conductivity coefficient o f the thermocouple. If the 
thermopile is constituted by n number of thermocouples, it follows that
^  eqn. 2 .2
d^
In eqn. 2.2 —  is the total heat flow and k and AT are the average values o f  
d^
individual k^  and A7j; respectively. The potential o f each thermocouple, C/j is given by
Ui = e eqn. 2.3
where e is the Seebeck coefficient. Thus, the potential o f the thermopile, U  is
U = n e àT  eqn. 2.4
Since the surface o f the vessel is partially covered by the thermopiles, more than 25% 
of the heat evolved in the vessel is leaked to the surroundings (air gaps, electrical leads 
and mechanical supports).
The sensitivity o f a thermopile heat conduction calorimeter {S) is defined as
-S' = eqn. 2.5
<ï>
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Then, taking into account eqns. 2.2 and 2.5, it follows that
S = — eqn. 2 .6
k
Eqn. 2.6 shows that the sensitivity of the instrument is inversely proportional to the 
average value o f the heat conductivity per thermocouple and it is not dependent on any 
other factors. When no heat is released in the calorimeter vessel, the heat flow fi'om 
the vessel to the heat sink is proportional to the rate o f decrease o f AT and also to the 
heat capacity (C) o f the vessel (vessel content and holder), as shown in eqn. 2.7.
Combination o f equations o f eqns. 2.4 and 2.7 leads to
Taking into account eqns. 2.2 and 2.4 it follows that
—  = -(— )d/ eqn. 2.9
U C
t/, = 17oexp"‘ eqn. 2.11
cT = — ; is the time constant of the instrument, k is the heat conductivity o f the 
n k
thermopile. K  is the sum of the heat conductivity of thermal conductivities such as 
electrical leads and mechanical supports, etc, it follows that,
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r  = — eqn. 2 .1 2
K
The magnitude o f t  depends on C and K. However, this time constant can be 
obtained from the half decay time o f the thermopile signal as shown in eqn. 2.13.
A ,^/2 = In 2 r eqn. 2.13
In the steady state conditions, the constant values o f AT and U  are directly 
proportional to the thermal power in the reaction vessel. Thus, the changes in AT and 
U  will give a heat balance equation as shown below
P = ^  + eqn. 2.14
ét ét
P = A :- + —  Æ
e n e dt eqn. 2.15
g = —  eqn. 2.17
n e
Eqn. 2.16 known as the Tian equation' suggests that no temperature gradients are 
produced in the vessel.
The potential U  reaches a steady-state when the power is constant. The power 
released in the vessel will be balanced by the heat leakage to the surroundings and P 
can be evaluated from eqn. 2.18. Therefore,
P = £c t/s eqn. 2.18
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Thus, the thermal power, P is directly proportional to the potential signal from the 
thermopile to give a steady reaction state. Integration o f the Tian equation with 
respect to the reaction time gives eqn. 2.19.
q -  ScUdt  eqn. 2.19
where q is the heat quantity involved during the measurement.
2.6.1. Microcalorimetric titrations (fast mode)^ ^^
The heat conduction calorimeter has a high sensitivity, long-term stability and small 
amount o f samples are required for the titration reaction. However, the disadvantage 
o f the instrument relies in its very slow thermal response, i.e. a large time constant (x). 
When a typical reaction vessel is used in a calorimetric titration, the experiment can 
take up several hours (up to 16 hours for 14 injections made with an hour interval 
between each).
In order to minimise the reaction time, the 'dynamic correction' m ethod^has been 
introduced. In this way, the titration can be carried out in about two hours without loss 
o f accuracy. Thus, a series o f samples are injected at 5 minutes intervals and the 
differential potential signal does not return to its baseline level. The calorimetric wave­
shaped potential-time curve observed in slow titrations is interrupted by sharp peaks 
resulting from the injected samples. Using the time constant, the heat released can be 
calculated from integration o f the reaction area. Fig. 2.5 shows calculated and 
experimental calorimeteric data obtained for the complexation o f 18 crown 6  and Ba^+ 
in water at 298.15 K. The resulting potential-time curves for this process resulting 
from slow titration and those for fast titration are shown in Figs. 2.6 and 2.7.
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Figure 2.5 Calculated and experimental values (♦ ) for the heat released (Q) per 
injection step in the titration o f 18 crown 6  with barium chloride in 
water at 298.15 K.
Potential (uW)
1500
1000
500
Tim e (hour)
10 1550
Figure 2.6 The potential-time calorimetric curve for the microcalorimetric titration 
(slow mode) of 18 crown 6  with barium chloride in water at 298.15
K"2.
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Potential(uW )
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Figure 2.7 Resulting potential-time calorimetric curve for the microcalorimetric 
titration (fast mode) o f 18 crown 6  with barium chloride in water at
298.15 K“ 3.
2.6.2. H eat corrections
Since the main aim is to measure the heat associated with the complexation process, 
the total heat produced in the reaction should be corrected taking into account other 
heat effects originated by side processes. These are described as follows,
i) Temperature Difference Between Titrant and Titrate
In principle, the temperature between the titrant (TJ and titrate (TJ is the same at the 
starting point. However, if the quantity (Tg - TJ is positive, an endothermie heat effect 
is obtained. Conversely, there will be an exothermic heat effect if  the quantity (Tg - TJ 
is negative.
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ii) Heat o f Dilution of the Titrant and the Titrate
Heat effects taking place during the process o f adding the titrant to the titrate, may be 
due to chemical changes such as solvation, hydrolysis and ion-pairing. Besides, the 
relative concentration changes o f the species present in the titrate solution also 
contribute to the magnitude of this heat effect.
in) Heat Contributed from Other Reactions
If side reactions occur in the calorimetric vessel, their heat contribution must be 
corrected for. Hydrolysis o f ligand species is a commonly encountered process.
2.7. CALIBRATION OF THE HAMILTON GAS-TIGHT SYRINGE
A 500 til Hamilton syringe was calibrated by the use o f a mass weighing o f water. 
Water (~0.04g) was injected into a seal vial through its hypodermic needle. The 
syringe was driven by an electrical motor. The mass o f water was determined by a five 
decimal places electronic balance. The calibration result for the syringe used in the 
experiments was found to be (2.752 ±0.043)xlO-  ^g/s.
2.8. CALIBRATION OF THE MICROCALORIMETER
Most o f the heat conduction type calorimeters are calibrated electrically. This is 
considered to be a convenient and accurate method. However, many calorimetric 
vessels are not ideal to perform the electrical calibration due to the position and the 
design o f the heater in the reaction vessel, or the amount o f heat evolved in the 
connection leads. Therefore, a chemical rather than an electrical calibration is 
necessary. In the following section, both types o f calibrations are described.
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2.8.1. Electrical calibration of the microcalorimeter
An insertion heateri^  ^ containing manganin wire fitted with copper leads (0.15mm) 
was used for the electrical calibration the instrument. The manganin part o f the heater 
arranged as a horizontal ring (1 0  mm diameter) was installed at the bottom o f the 
titration shaft;. The calorimetric reaction vessel (3.2 ml) was charged with water (3.0 
ml) at 298.15 K. The insertion heater was immersed in the solution and an external 
steady millicurrent was supplied to the heater for a period o f one hour. Measurements 
were repeated by using potentials in the 10 to 3000 |xW range.
2.8.2. Chemical calibration of the microcalorimeter1
Titration microcalorimeters are currently used for the determination o f ligand-binding 
reactions. Frequently, it is possible to determine not only the enthalpy change but also 
the stability constant (hence, standard Gibbs energy o f complexation). Combination 
of AgG° and AgH° yields the entropy, A^ S® associated with the complexation process. 
A suitable test reaction in microcalorimetry is that for the complexation o f 18 crown 6  
with barium chloride in water at 298.15 K. For a wider temperate range, the 
determination o f the standard enthalpy of solution o f pure w-propan-l-ol in water has 
been recommended as a suitable reaction for chemical calibration i^'*. This reaction can 
be modified by the use of diluted w-propan-l-ol (10% w/w)^^t Another reaction 
currently used as a chemical standard reaction in microcalorimetry is that involving the 
neutralisation o f the strong acid (sulphuric acid) with an alkaline solution (sodium 
hydroxide) in water i^ .^
During the course o f this work, the following reactions were currently used for the
calibration o f the calorimetric equipment.
i) Determination o f the standard enthalpy of solution, AgH°, o f 72-propan-l-ol in 
water at 298.15 K.
ii) Determination of the standard enthalpy o f dilution o f 72-propan-l-ol (10% w/w) in 
water at 298.15 K.
iii) Determination o f the standard enthalpy of complexation o f 18 crown 6  and Ba^+ in 
water at 298.15 K.
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iv) Titration o f sulphuric acid with sodium hydroxide in aqueous solution at 298.15 K.
v) Determination o f the enthalpy o f protonation o f THAM in aqueous solution of 
hydrochloric acid at 298.15 K.
2.8.2.I. Determination of the standard enthalpy of solution of if-propan-1- 
ol in water at various temperatures.
For the determination o f the standard enthalpy of solution, AgH° o f w-propan-l-ol in 
waterii^ at 298.15 K, a volume o f water (3.0 ml) was placed in the calorimetric vessel. 
The solution was stirred using a stainless steel turbine. In order to avoid evaporation 
of the alcohol, mercury was used for sealing the microsyringe stem (100 pi). A total o f 
eight samples (0.06 pis each) o f propanol were injected for each experiment at the 
appropriate temperature. Measurements were carried out in the 288.15 K - 348.15 K 
temperature range.
2.S.2.2. Determination of the standard heat of dilution of n-propan-l-ol 
(10% w/w) in water at 298.15 K.
Dilution experiments were performed as in the standard enthalpy o f solution, AgH° o f  
w-propan-l-ol in water at 298.15 K. Small quantities, (about 2.0 pi), o f diluted n- 
propan-l-ol (10% w/w) solution were injected continuously into a titration vessel 
containing water (2.7 ml). Measurements were carried out at 298.15 K.
2.S.2.3. Determination of the standard enthalpy of complexation of 18 
Crown 6 with barium chloride in water at 298.15 K.
To an aqueous solution o f 18 crown 6 (2.7 ml ~ 4 x 10-^  mol-dm-^) placed in the 
titration vessel (3.2 ml), aliquots o f a solution o f BaClj (~ 9 x 10*^  mol-dm-^) in water 
were added. A total o f 15 additions were made (20 pi each) for each experiment. 
Separate dilution experiments were carried out. The calorimetric signals were
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converted into the digital signals and measured by the computerised recording system 
(see Annex 1). The complexation reaction is referred to the process:
Ba2+(H20) + 18 crown 6(H 20)------ > [Ba^+-18 crown 6](H20) eqn. 2.20
2.S.2.4. Microcalorimetric titration of sulphuric acid with sodium
hydroxide in aqueous solution at 298.15 K.
The titration o f hydrochloric acid with sodium hydroxide in water is essentially a 
neutralisation reaction. A 18 carat gold T-spoon stirrer was used. Small quantities o f  
about 20 pi o f sodium hydroxide aqueous solution (0.01 mol-dm- )^ were injected into 
the vessel containing aqueous solution o f sulphuric acid (0.01 mol-dm'^). 
Measurements were made at 298.15 K.
2.8.2.5. Determination of the standard enthalpy of protonation of THAM 
in aqueous solution of hydrochloric acid at 298.15 K
In order to carry out this experiment the reaction vessel (3.2 ml) was charged vrith an 
aqueous solution o f HCl (0.1 mol-dm- )^. The content o f the vessel was titrated with a 
solution o f THAM in water (0.2 mol-dm* )^. A total of eight injections (8 pi) were 
made at 298.15 K. The experiment was carried out at 298.15 K.
The protonation o f THAM with hydrochloric acid reported by Wilson and Smith^^  ^ is 
referred to the following process.
H 2 N C ( C H 2 0 H ) 3 ( a q )  +  H g O \a q )  -------- > " ^ H 3 N C (C H 2 0 H ) 3  (aq) +  H 2 0 (a q )  ^  21
Thus, the enthalpy change o f the protonation reaction, AHp was expressed as
AH_ = —— eqn. 2.22
 ^ n
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where n and Qp were the number o f moles o f protonated THAM and the heat effects; 
respectively.
Since the hydrolysis o f THAM is referred to the process.
THAM + H jO  > HTHAM+ + OH' eqn. 2.23
Therefore, the apparent equilibrium constant, for the process for the process given 
in eqn. 2.23 is given by
at the equilibrium
[H+THAM] = [0H-] eqn. 2.25
Therefore,
[O H 'f 
'■ [THAM] - [OH ]
considering that the [OH'] is much lower than [THAM], eqn. 2.26 may be written as
" - a
[OH ] =[H+THAM] =.^KJTHAM ], eqn. 2.28
and the correction for the formation o f water due to the [OH ] initially present can be 
calculated by
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Qh,o = [OH,-] -Vi AH^ eqn. 2.29
where Vj is the initial volume of the solution in the microcalorimeter and AH^ is the 
heat o f formation o f water
H+ + 0H- = H20 eqn. 2.30
log = 14.00, AH^ = -55.81 kJ-moH
Thus, ApH = —^ — eqn. 2.31
^THAM
where ApH is the enthalpy o f protonation o f THAM and n^^^ is the number o f moles 
of THAM used in each titration step.
2.8.3. Titration of cyclodextrins with cephalosporins in water at 298.15 K
An aqueous solution of the drug (2.8ml, ~ 5 x lO-^  mol dm- )^ was placed in the 
microcalorimetric vessel and titrated with an aqueous solution o f the appropriate 
cyclodextrin (0.0998 mol-dm- )^ contained in a Hamilton micro-syringe. For these 
measurements a turbine stirrer was used. The fast titration technique was applied and 
15 injections for each experiment were made. The sensitivity used for the 
microcalorimeter was o f 10 pW and the baseline stability was ±0.3 pW for a period o f  
several hours. Cephalosporin solutions were prepared and immediately used. Two 
hours were required for the solution to reach equilibrium in the calorimetric channel. 
Corrections for the dilution of the titrant were applied in all cases. A  computer 
simulation program was used to calculate the concentrations o f the drug and the 
cyclodextrin to be used in the calorimetric runs. Measurements were carried out at 
least by duplicate.
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2.8.4. Titration of crown ethers with lithium salts in non-aqueous solvents 
at 298.15 K
The reaction vessel was charged with the lithium salt solution in the appropriate 
solvent (2.8 ml); concentration range (0.05 - 0.08 mol-dm* )^. The crown ether 
solution, (0.7 to 0.8 mol-dm* )^ was placed in a 500 pi gas-tight motor driven 
Hamilton-syringe. All the calorimetric measurements were performed by the slow 
titration procedure at 298.15 K. In each titration experiment, about fifteen injections 
(20 to 25 pi each) were made at time intervals o f one hour. Separate dilution 
experiments were carried out. The standard enthalpy change and the stability constant 
(log Kg) were calculated by the use of the minimisation program Lovisa^^ .^
2.9. THE TRONAC 450 CALORIMETER
The Tronac 450 calorimeter used in this work (Fig. 2.8), is a commercial version o f  
the solution calorimeter originally designed by Christensen & Izatt^^k In the present 
work it was used as a conventional solution calorimeter to determine the enthalpy of 
solution o f a given solute in the appropriate solvent. This calorimeter consists o f two 
main components i) the electronic assembly and ii) the calorimeter assembly. The 
former consists o f a thermistor used to detect the temperature change o f the reaction 
and to convert it to the corresponding voltage in a Wheatstone bridge circuit, 
accompanied with a power supply and a heater circuit with variable heating rates. 
During the electrical calibration, the heating power reaction is directly monitored on 
the voltage between the standard resistor and the calibration resistance heater. This 
voltage is amplified in the amplifying circuit and recorded on a strip-chart recorder. 
The calorimeter assembly, consists o f a well insulated thermostatic bath with a capacity 
o f 18 litres o f water around the centrally located calorimeter. The bath temperature is 
monitored by a thermistor probe and water is circulated from an external cooling 
system. The stability o f the bath temperature is maintained at 298.15 ±0.01 K over a 
48 hours period. The calorimeter is equipped with a 50 ml reaction vessel, a stainless 
steel stirring blade which is connected to the ampoule holder. Thus, the glass ampoule 
is broken by crashing from the plunger on the stirring blade assembly. The glass 
ampoule (1 ml) was sealed with a silicone rubber stopper.
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Figure 2.8 The 450 Tronac calonmeterii°.
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2.9.1. The Thermogram
Before breaking the ampoule, the initial temperature versus time is traced by a chart 
recorder. After the ampoule is broken, the chart recorder pen is allowed to run for five 
minutes in order to obtain the final temperature against the reaction time slope. The 
same procedure is applied in the calibration process, a digital voltmeter is used to 
monitor the heater current and the heater voltage. The trace obtained by the recorder 
is known as a thermogram. A typical thermogram for an exothermic reaction is shown 
in Fig. 2.9.
Voltage (mV)
30
Time
Figure 2.9 A typical thermogram (potential-time) curve for an exothermic 
reaction.
Dickinson's method^ is currently used to calculate the magnitude o f the heat released 
from the temperature-time reaction curve. A thermogram consists o f three major 
zones.
i) Zone AB known as the pre-reaction period reflects the effects before the reaction 
takes place. The slope of the line is due to effects such as stirring and heat leaks 
(heat losses due to conduction, convention, radiation and evaporation).
ii) Zone BC is associated with the heat o f the reaction.
iii) Region CD is the post-reaction heat.
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2.9.2. Calculation of the enthalpy of solution (AJS°)
The voltage readings obtained from the thermogram are converted into heat quantities 
(J) and the appropriate corrections for heats o f dilution and stirring are made. The heat 
capacity o f the calorimetric system is expressed as :
Vr y%- t
£ = - p .—  eqn. 2.32K- ÛR
where Vj, Vj, t and R are the heater voltage, the resistance voltage, the heating time 
(s) and the heater resistance (H) at 298.15 K; respectively, d  ^represents the reaction 
distance measured on the thermogram (cm).
To evaluate the heat o f reaction, the following equation is used,
Qr = s X dR eqn. 2.33
where 8 is the calibration o f the instrument (J/cm). Thus, the enthalpy o f the reaction, 
AgHis calculated from
A,H = eqn. 2.34
where n is the number o f moles o f the compound used and Qg^ is the heat released 
during the breaking of the empty ampoule.
The standard deviation (ô) o f the experimental data^ ^^  was calculated using the 
formula :
Z(x - x)"
^ = V (n - 1) "9" 2.35
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2.9.3. Ampoule breaking corrections
During a calorimetric measurement carried out for the determination o f the enthalpy of  
solution o f a given solute (liquid or solid) in a solvent, a glass ampoule is broken in the 
vessel containing the solvent giving rise to small heat effects which are due to the 
following.
i) Evaporation o f the solvent, the correction of which depends on its vapour 
pressure.
ii) The different thickness and internal strain of the ampoule wall.
iii) Friction between the sample and the unbroken ampoule might be different from 
that generated between the sample and the parts remaining after breaking the 
ampoule.
2.9.4. Calibration of the Tronac 450 calorimeter by using the heat of 
protonation of THAM in an aqueous solution of hydrochloric acid at
298.15 K.
Irving and Wadso^^o suggested in 1964 the reaction o f (2-amino-hydroxymethyl-1, 3- 
propanodiol) usually designed as 'Tris' of 'THAM' with 0.1 M aqueous solution o f  
hydrochloric acid as a standard thermochemical reaction. This standard reaction was 
carried out in the present work in order to check the accuracy and the reproducibility 
of the equipment. In order to do it, accurate amounts o f THAM (-0.3 g) were 
weighed in glass ampoules. The ampoules were sealed with silicone rubber and were 
loaded in the vessel which contained 0.1 mol-dm*  ^ o f an aqueous solution o f  
hydrochloric acid (50 ml). Measurements were made at 298.15 K.
The process for the heat o f solution of THAM is described as
THAM(g) + H+(^ --------> [HTHAM ]\^ eqn. 2.36
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After correction for the heat due to the breaking of the empty ampoule in the solution, 
the ApH value was calculated from
A„H = eqn. 2.37
nTHAM
where Q was the heat associated with the reaction in the calorimeter vessel and
%HAM the number o f moles o f THAM.
2.9.5. Determination of standard enthalpies of solution of macrocycles and 
lithium salts in dipolar aprotic solvents at 298.15 K.
The sealed ampoules containing accurately weights (to O.OOOOlg) o f the appropriate 
compound were broken in an appropriate volume of solvent (50 ml) placed in the 
calorimetric vessel. Before the run was started, about twenty minutes was allowed for 
the system to equilibrate. After breaking the ampoule in the appropriate solvent, the 
heat change was recorded. The observed change was corrected for the heat o f  
breaking o f the empty ampoule in the solvent. In all cases, an electrical calibration was 
performed by introducing a known quantity of electrical heat approximately equal to 
the energy change o f the system due to the chemical reaction. The standard enthalpy o f  
solution, AgH° was found from the intercept o f a linear o f plot o f A^H against the 
square root o f the concentration of the appropriate compound. In case where no 
changes are observed with changes in the electrolyte concentration, the standard 
enthalpy o f solution is the average o f the data.
2.10. NUCLEAR MAGNETIC RESONANCE (NMR) 
SPECTROSCOPY
2.10.1. iR  NMR measurements at the standard temperature
Measurements were carried out in a Brucker AC-300 NMR spectrophotometer at a 
spectral frequency (SF) o f 300.135 MHz, delay time of 1.60 s, acquisition time (AQ) 
o f 1.819 s, and a line broadening of 0.55 was applied. All NMR measurements were 
carried out 298 K.
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2.10.1.1. Cyclodextrin-cephalosporins interactions. NMR measurements
Cephalosporins and cyclodextrins were dissolved in DjO. The DSS (sodium 2,2- 
dimethyl-2-silapentane-5-sulfonate) was used as an internal standard. In order to make 
sure that the complexation reaction was fully reached, an excess o f cyclodextrin 
solution was added to the solution containing the appropriate drug.
2.10.1.2. Lithium-crown ether interactions. NMR measurements
Solutions o f crown ethers in CD3CN (1 - 5 x 10'^  mol dm- )^ were placed in 5 mm 
NMR tubes using TMS as the internal reference to measure the spectrum of the ligand. 
Then, additions o f lithium salt solutions in CD3CN (1 - 5 x lO'^  mohdm* )^ were made 
to obtain the NMR spectrum of the lithium crown complex. Measurements were 
carried out at 298.15 K.
2.10.2. NMR measurements at the standard temperature
i^C NMR experiments were carried out on a Bruker AC-300 MHz spectrometer with 
a wide bore magnet operating in the Fourier-transform mode using proton decoupling 
for For these measurements, SF, 75.469; SW, 301.15 MHz; pulse width, 350, 
delay time, 0.279 s; acquisition time, 0.721 s; and line broadening, 0.55 were used. All 
measurements were carried out at 298 K.
2.10.2.1. Lithium-crown ether interactions. NMR measurements
A solution o f the appropriate crown ether solution in CD3CN (2 -3 x 1 0 -^  mol'dm*^) 
placed in a 10 ml NMR tube was used to measure the spectrum of the ligand with 
TMS as the internal reference. For the lithium-crown ether complexes, lithium salts 
solutions in CD3CN (2 - 3 x 10'^  mol-dm' )^ were added to the appropriate crown ether 
solution and measurements were made at 298 K.
84
Chapter 2 Experimental Procedures
2.11. CONDUCTIMETRIC MEASUREMENTS
2.11.1. Apparatus
The conductimeter is divided into two components, i) the Wayne-Kerr Autobalance 
Universal Bridge, type B 6 4 2 i2i ii) the conductivity cell. The Wayne-Kerr B642 is 
an autobalance ratio arm bridge for the measurement of impedance. During the 
conductance measurements, the magnitude o f the capacitance and the conductance are 
monitored on the two meters. Each o f these meters has four decades which are 
operated in succession. Small signal lamps are placed between the decade control 
knobs to indicate the decimal points. The control knobs are selected automatically by 
operation o f the range switch. The sensitivity o f the meter can be switched to one of 
these normal positions to adjust the apparatus manually. The accuracy o f the bridge is 
determined by its internal sources and it was found to be 0.1% for all decades in use. 
Calibration o f the bridge is done by the use o f different standard resistances. The 
conductivity cell consists of a cylindrical vessel of about 50 ml capacity, containing a 
pair o f black platinum electrodes which are connected to two external side tubes filled 
with mercury. Samples were injected through the small hole placed on the cap o f the 
cell. Nitrogen gas was passed through prior to the measurements to keep the solution 
free o f carbon dioxide.
2.11.2. Platinisation of the electrodes in the conductivity cell at 298.15 K
The conductivity cell containing a pair of platinum electrodes was charged with the 
platinising solution (25 ml). The cell was placed in a thermostated bath at 298.15 K for 
a few hours to reach the equilibrium temperature. An electrical current (-0.001 A) with 
reversal polarity was passed through the electrodes in the solution every ten seconds 
for a total o f ten minutes. During the platinisation process, the electrodes were 
covered and deposited with platinum black and a small amount o f hydrogen gas was 
evolved. The applied current was stopped when the electrodes were heavily turned to 
dull black colour. This process was carried out at 298.15 K.
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2.11.3. Determination of the cell constant at 298.15 K
For the determination of the cell constant, an aqueous solution o f potassium chloride 
was used. Thus, volumes ofKCl (1 ml; 0.1 mol-dm* )^ were injected in the conductivity 
cell containing the solvent (deionised water). For this purpose, gas-tight plastic 
syringes were used. All measurements were carried out at 298.15 ±0.0IK.
Molar conductances, A° (S cm  ^mol' )^, were calculated from the equation o f Lind, 
Zwolenik and Fuoss 2^2
A° = 149.43 - 96.45 c^ + 58.74-c-logc + 198.4 c eqn. 2.38
where c (mol-dm-^) was the molar concentration o f KCl solution used in these 
experiments.
Thus, the cell constant, 0 (cm'i) was calculated from the following equation,
1000-S eqn. 2.39
where S (H'O is the reciprocal of resistance.
2.11.4. Conductance measurements at 298.15 K
Fresh solutions (5 x 10*2 mol-dm- )^ of both the metal-ion salt and the ligand (crown 
ether) were made up for each experimental run. The conductance cell was cleaned with 
deionised water, dried, and then accurately weighed. The cell was then charged with 
the solvent (~ 25 ml) and left in the thermostated bath to reach thermal equilibrium 
while dry nitrogen was passed through the solvent. After thermal equilibrium was 
reached, the conductivity of the solvent was measured at 298.15 K. The metal-ion salt 
solution was added to the cell from a hypodermic syringe. The total amount o f solution 
added was approximately 10 ml. Additions of the crown solution to the salt solution 
were carried out using the same procedure.
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For the presentation and discussion of results, the same order adopted in the 
experimental section o f this thesis will be followed. Thus, the electrical calibration of 
the calorimeters, standard processes used to check the reliability o f the equipment and 
heats associated with the breaking o f empty ampoules are first presented.
3.1. ELECTRICAL CALIBRATION OF THE
MICROCALORIMETER AT 298.15 K.
The experimental conditions used and the results obtained in the determination o f the 
electrical calibration constant, 8 , for fast and slow titrations, using an insertion heater 
are shown in table 3.1. Both modes lead to approximately the same values for 8 at 
298.15K.
Table 3.1 Electrical calibration of the microcalorimeter for slow and fast titration 
modes in water at 298.15 K.
Power (pW) Current  ^(mA) 8^(mJ/V) Current  ^(mA) 8b(mJ/V)
3000 4.999 3.882e-4 4.999 3.874e-4
100 0 3.999 1.298e-4
300 2 .0 0 1 3.867e-5 1 .001 3.891e-5
100 1.001 1.297e-5 3.000 1.292e-5
30 0.501 3.832e-6 2 .0 0 1 3.855e-6
^For slow titration and ^ o r  fast titration.
A representative potential-time curve resulting from an electrical calibration in water at
298.15 K using a steady current (one hour) is shown in Fig. 3.1. The area under the 
curve is the total heat produced.
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P o te n t ia l  (u W )
1000
500 -
T im e  (h o u r)
Figure 3.1 Potential-time calorimetric curve o f an electrical calibration in water at 
298.15 K using a steady current (an hour period). The area under the 
curve is the total heat produced.
3.2. CHEMICAL CALIBRATION
MICROCALORIMETER
OF THE
3.2.1. Standard enthalpy of solution of n-propan-l-ol in water at 298.15 K
The potential-time calorimetric curve for the determination o f the enthalpy o f n- 
propan-l-ol in water at 298.15 K is shown in Fig. 3.2. When additions were 
accomplished, the final solute concentration is normally very low and the enthalpy of 
solution (AgH) can be considered at infinity dilution AgH° = AgH" and therefore, this 
is often taken as the standard enthalpy of solution, AgH°.
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Figure 3.2 The potential-time curve for the determination o f the enthalpy o f  
solution of the «-propan-l-ol in water at 298.15 K
The following quadratic equation is used for a temperature range from 288.15 K to
348.15 K for the calculation o f the standard heat o f solution,
A,H"(T) = a + bT + cT^ eqn. 3.1
In eqn. 3.1, T is the absolute temperature in Kelvin, a = -123.7 kJ-moh ,^ b = 0.553 kJ 
•K-i-mol‘i and c = 5.76 x IQ-^  kJ-K-^ -mol*^ . In table 3.2 the values obtained in this work 
for the standard enthalpy of solution, o f «-propan-l-ol in water at 298.15 K are 
compared with literature data^ i"*. There is good agreement between the two sets o f  
data.
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Table 3.2 Standard enthalpies o f solution o f «-propan-l-ol in water, (kJ* 
mol'^) at different temperatures.
- A H
T/K This work literature»
288.15 -12.37 ±0.06 -12.31 ±0.02
298.15 -10.16 ±0.03 -10.16 ±0 .0 2
298.15 -10.00 ±0.09
308.15 -8.12 ±0.04 -8.13 ±0.03
318.15 -6.18 ±0.06 -6.21 ±0.03
348.15 -1.16±0.02 -1.15 ±0.02
aRef. 114.
3.2.2. Standard heat of dilution of «-propan-l-ol (10% w/w) in water at
298.15 K
Table 3.3 lists the enthalpies of dilution (AjyH°) o f «-propan-l-ol in water at 298.15 K. 
These data have been derived from fast and slow titration modes.
Table 3.3 Enthalpies of dilution of «-propan-l-ol (10% w/w) in water at 298.15 
K.
Dilution (w/w) A^ H^® (kJ-mol )^
10.36%» -5.58 ±0.19»
10.36%b -5.55 ±0.1?b
10.00%= -5.29 ±0.03=
» Slow titration; ‘’Fast titration; =Ref. 114.
A good agreement was obtained between the results obtained by fast and slow 
titrations and those from the literature‘23.
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3.2.3. Therm odynam ic parameters of complexation o f 18 crown 6  and 
barium in w ater at 298.15 K.
Fig. 3.3 shows a plot o f potential versus time for a typical calorimetric titration curve 
corresponding to the complexation of 18 crown 6  and Ba^+ (about 16 hours period) in 
water at 298.15 K.
Potential(uW)
1500 —
750 —
Time (hour)
168 124
Figure 3.3 A plot of potential vs time for a typical calorimetric titration curve of 
barium chloride with 18 crown 6  in water at 298.15 K (about 16 hours 
period).
The stability constant (log Kg) and derived Gibbs energy, (AgG°), the enthalpy (AgH°) 
and the entropy (AgS°) for the complexation process in water at 298.15 K derived from 
the microcalorimetric titration (slow) are reported in table 3.4.
Table 3.4 Thermodynamic parameters o f complexation o f Ba^+ and 18 crown 6  in 
water at 298.15 K.
log Kg A,G° (kJ-mol-i) A ^ ° (kJ mol-i) A,S° (J K-i'mol-i)
3.72 ±0.05^ -2 1 .2 0  ±0 .01 -31.71 ±0.25 -35.3
3.72 ±0.05^ -21.23 ±0.01 -31.71 ±0.31 -35.2
3.77 ±0.01« -21.52 ±0.01 -31.41 ±0.20 -33.2
 ^Slow titration; ‘’Fast titration; ®Ref. 114.
92
Chapters Results and Discussion
The results obtained by fast titration are in good agreement with those derived from 
slow titration. Comparison of these data with those reported by Izatt and coworkers‘23 
using macrocalorimetry (log Kg = 3.87, = -31.71 kJ-mol-‘) and by Hasegawa^24
(log Kg = 3.68) using a solvent extraction technique show excellent agreement. The 
complexation process (-A^ G®; favoured) is enthalpy controlled. The loss o f entropy 
must be attributed to the combination o f two species (metal cation and 18 crown 6 ) to 
give a single component (the complex).
3.2.4. Microcalorimetric titration of sulphuric acid with sodium hydroxide 
in aqueous solution at 298.15 K
Neutralisation reactions are often used in tests and calibration o f calorimeters. 
However, the contamination from COj can affect the results significantly, due to the 
heat associated with the ionisation of carbonic acid in water^ ^^  ^ (-55.81 kJ-mol'  ^ at
298.15 K). Table 3.5 lists the calibration results for the neutralisation process involving 
sulphuric acid and sodium hydroxide in water at 298.15 K. The electrical calibration of 
the microcalorimeter at 3000pW was found to be 3.880 ± 0.001 x 10-^  mJA .^ Fig. 3.4 
shows a plot o f potential versus time for the calorimetric titration o f sulphuric acid and 
sodium hydroxide in water at the standard temperature.
Table 3.5 Calibration of the microcalorimeter using a neutralisation process 
(H2SO4 and NaOH) in water at 298.15 K.
8  ^ 104 (mJAf)
3.881 3.881 3.880
3.880 3.881 3.879
3.880 3.881 3.882
^3000|iW.
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Figure 3.4 Plot of potential versus time for the calorimetric titration o f sulphuric 
acid with sodium hydroxide in aqueous solution at 298.15 K.
3.2.5. Standard enthalpy of protonation of THAM in an aqueous solution of 
hydrochloric acid at 298.15 K using the LKB-2270 titration 
microcalorimeter
Table 3.6 lists the standard enthalpies of protonation o f THAM with HCl (0.1 mol- 
dm-3) at 298.15 K. The results obtained from this table are in good agreement with the 
value reported by Wadso (-47.49 ±0.04 kJ-mol*i)i25 The enthalpy o f protonation of  
THAM, ApH° was found to be -47.56 ±0.84 kJ-moh^ The standard deviation {5) o f the 
data was calculated from the eqn. 2.35 (see Experimental procedures).
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Table 3.6 Enthalpy o f protonation of THAM (0.248 mol-dm* )^ in an aqueous 
solution o f 0.100 mol-dm-  ^o f HCl at 298.15 K.
V o P (lL ll) Q /(J ) Qh‘^ x102(J) Qtham** (J) A pH °« (k J -m o l- i)
26.52 -3.148 -3.219 -3.140 -47.88
26.52 -3.148 -7.160 -3.081 -47.44
26.52 -3.148 -3.079 -3.000 -47.69
26.52 -3.148 -3.131 -3.052 -47.06
26.52 -3.148 -3.191 -3.112 -47.35
26.52 -3.148 -3.221 -3.142 -47.68
26.52 -3.148 -3.162 -3.083 -47.58
26.52 -3.148 -3.147 -3.068 -47.13
26.52 -3.148 -3.295 -3.216 -47.29
^Volume o f titrate used; *’Heat per increment o f the titrant; ®Heat due to hydrolysis o f  
THAM in water; %eat o f protonation o f THAM; «Standard enthalpy o f protonation o f  
THAM in water.
3.2.6. Standard enthalpy of solution of THAM in aqueous solution of 
hydrochloric acid at 298.15 K using the Tronac 450 calorimeter
The results obtained for the standard enthalpy of solution o f THAM in an aqueous 
solution o f 0.1 mol-dm*3 o f HCl at 298.15 K are listed in table 3.7. The heat due to the 
breaking o f an empty ampoule in water was negligible. The value o f -29.58 ±0.02 kJ- 
mol*i obtained in this work is in close agreement with the value o f -29.96 kJ-mok  ^
reported by G h o u s s e in i^ ^ e  using the Tronac 450 calorimeter and with that reported in 
the l i t e r a t u r e 2^7 Table 3.8 lists literature values for the enthalpy o f solution o f THAM 
with HCl (0.1 mol-dm-3) at 298.15 K.
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Table 3.7 Standard enthalpy of solution o f THAM in an aqueous solution o f 0.1 
mol-dm-3 o f HCl at 298.15 K.
THAM (g) n^ c/mol-dm-3 Q (J) AH(kJmol-i)
0.2877 2.381x10-3 4.762x10-2 -69.62 -29.25
0.2921 2.413x10-3 4.825x10-2 _7i87 -29.82
0.2951 2.446x10-3 4.886x10-2 -72.38 -29.66
Average A^ H® = - 29.58 ±0.29 kJ-moH
» Number o f moles of THAM in the calorimetric vessel (50 ml).
Table 3.8 Standard enthalpy of solution o f THAM with an aqueous solution of  
hydrochloric acid (0.1 mol-dm" )^ at 298.15 K.
Author ApH° Reference
Ojelund and Wadso -29.76 ±0.01 127
Irving and Wadso -29.74 ±0.02 120
Gunn -29.74 ±0.01 128
Kilday and Prosen -29.76 ±0.01 129
Sünner and Wadso -29.76 ±0.01 130
Irving and Wadso -29.76 ±0.01 120
Mortimer and Beezer -29.72 ±0.02 120
Hill et al -29.74 ±0.01 131
Gunn -29.74 ±0.01 132
Prosen -29.77 ±0.01 120
L. Ghousseini -29.76 ±0.02 126
This work -29.58 ±0.29
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3.2.7. Heat of breaking of empty ampoules in non-aqueous solvents at
298.15 K
The heat due to the breaking o f empty ampoules in acetonitrile and in propylene 
carbonate are given in table 3.9. The amount of heat involved in these processes is 
quite appreciable in these solvents. For a given solvent, the heat o f ampoule breaking 
must be determined experimentally, and it is related to the vapour pressure o f the 
solvent. The literature value for the heat of breaking of empty ampoules in acetonitrile 
and in propylene carbonate at 298.15 K are 0.030 J and -0.051 J, respectively, which 
are not very far from the experimental values (Q ^  acetonitrile = -0.160 ±0.010 J; 
propylene carbonate = -0.100 ±0.010 J) reported in the table.
Table 3.9 Heat o f breaking o f empty ampoules in acetonitrile and in propylene 
carbonate at 298.15 K.
CAB (J)
Number of 
determinations
Acetonitrile Propylene Carbonate
1 -0.158 -0 .1 1 0
2 -0.165 -0.115
3 -0.162 -0.095
4 -0.155 -0.085
5 -0.165 -0.105
6 -0.155 -0.090
is the notation used to indicate the heat of ampoule breaking.
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3.3. INTERACTIONS OF CYCLODEXTRINS WITH 
CEPHALOSPORINS
Cyclodextrins are cyclic oligosaccharides constituted by a-D-glucopyranose units. 
These ligands are characterised by a hydrophobic cavity which is known to interact 
with a wide variety o f substrates. More importantly, cyclodextrins are characterised by 
their low toxicity and as a result, they found important applications in the 
pharmaceutical i n d u s t r y 3^3 Particular attention has been focused on the solubility 
enhancement observed by the addition o f cyclodextrins to slightly soluble drugs. 
However, an important aspect o f the bioavailablility o f a drug is that related to its 
transfer across the absorption barrier. In a recent publication, Danil de Namor and co- 
workers^® using Gibbs energy data demonstrated that the process o f transfer o f N^- 
substituted sulphonamides from water to a membrane like solvent (chloroform) is 
thermodynamically more favoured in the absence o f p-cyclodextrin than in its presence, 
(see Introduction; eqns. 1.7 and 1.8).
Cephalosporins (Fig. 3.5) are P-lactam antibiotics, which act by inhibiting the synthesis 
o f bacterial cell walls. Cephalosporins are classified by generations based on 
antimicrobial activity. The first generation o f cephalosporins have relative good activity 
against Gram-positive organisms and moderate Gram-negative activity. The second 
generation has increased activity against Gram-negative organisms while the third 
generation o f cephalosporins are effective against Gram-negative organisms and have 
decreased activity for Gram-positive. Many o f the cephalosporins can be administered 
only by the parenteral route, but for some patients intramuscular administration is 
uncomfortable.
Following the research carried out on the interaction o f cyclodextrins and 
sulphonamides and considering the current use o f cephalosporins in the pharmaceutical 
industry, efforts were made to investigate the selective properties o f cyclodextrins for 
these compounds. The following reports the thermodynamics associated with these 
processes in water at 298.15 K. These data are derived from titration 
microcalorimetry.
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RCH2CONH
C02*Na+
R"
Sodium cephalothin f 1  OCOCH3 H
S
sodium  cefoxitin „ „ ocO N H ^ O C H ,
sodium ceforoxlme II q c o NHj  H
Sodium cephaloridine
°  NOCH3
Figures 3.5 Structure o f cephalosporins.
3.3.1. Thermodynamic parameters of complexation of cyclodextrins with 
cephalosporins in water at 298.15 K.
Stability constants (expressed as log K^ ) and derived Gibbs energies, enthalpies, 
AgH° and entropies, A^S° of complexation o f cyclodextrins (a, p and y) and 
cephalosporins in water at 298.15 K are listed in table 3.10.
Complexation data are derived from calorimetric measurements. The individual errors 
in Kg and A^ H® are expressed as the standard deviation (eqn. 2.35; see section 2.9.2.). 
At least six steps were considered in each calorimetric run.
Thermodynamic data for the interaction o f cyclodextrins (CD) with cephalosporins 
(drug) in water at 298.15 K are calculated on the basis of a 1:1 cyclodextrin : drug 
ratio as indicated in the following equation,
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DrugCH^O) + CD(H20) ^  Drug C D ^ O ) eqn. 3.2
The standard deviations obtained reflect that the experimental data fit into the model 
proposed.
Table 3.10 Thermodynamic parameters o f complexation o f cephalosporins and 
cyclodextrins (a, P and y )in water at 298.15 K.
Cephalosporins log Kg
(kJ-mol*i) (kJ-mol*i) (JK-i-mol* )^
Na cephalothin 
Na cefoxitin 
Na cefiiroxime 
Na cephaloridine
/
1.18 ±0.01 
1.07 ±0.01 
1.23 ±0.01 
1.25 ±0.02
 a-cyclodextrin --------
-6.74 ±0.05 -10.26 ±0.22
-6.11 ±0.03 -10.44 ±0.22
-7.02 ±0.02 -10.71 ±0.11
-7.14 ±0.04 -10.62 ±0.03
\
- 11.8 ± 0.2 
-14.5 ±0.1 
-12.4 ±0.1 
-11.7 ±0.2
Na cephalothin 
Na cefoxitin 
Na cefiiroxime 
Na cephaloridine
/ p-cyclodextrin
1.70 ±0.02 -9.70 ±0.05 -8.23 ±0.15
\
4.9 ±0.5
Na cephalothin 
Na cefoxitin 
Na cefiiroxime 
Na cephaloridine
y-cyclodextrin
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The thermodynamic data show that
a) The interaction between cyclodextrins (a-, P- and y-) and these drugs in water at 
the standard temperature is relatively weak since low stability constants are 
obtained.
b) There is not selective complexation of these drugs by a-cyclodextrin. The 
relatively small differences observed in the Gibbs energy data (-6.11 to -7.14 kJ- 
mol'i) is also reflected in the enthalpy data, where again very small changes are 
observed.
c) The process is enthalpically controlled (negative A^H° values).
d) The negative entropy values are the result o f the combination (although weak) o f  
two species (cyclodextrin and drug) to give the cyclodextrin-drug adduct (one 
single component).
e) P-cyclodextrin interacts only with sodium cephalothin. However, it may be stated 
that the fact that no heat was observed by the addition o f P-cyclodextrin to the 
remaining three drugs does not necessarily indicates lack o f interaction. Indeed, 
for reactions involving small heats of interaction, calorimetry is not a suitable 
reporter o f molecular events. It may be also noted that P-cyclodextrin shows a 
different behaviour to a  and y-cyclodextrin as assessed from solubility
measurements^^.
f) In the case o f y-cyclodextrin, no interactions between this macrocycles and the 
drugs were detected.
In general terms, there are not dramatic differences in the selectivity (as assessed by 
log Kg values) o f cyclodextrins and these drugs which seem to indicate that in moving 
from a  to P cyclodextrins, there is an enthalpy-entropy compensation effect which is 
often found in complexation reactions involving these ligands. In an attempt to gain 
further information on these processes, NMR studies were carried out and these are 
now discussed.
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3.3.2. iR  NMR studies on cyclodextrin-drug interactions in water at 298.15 
K
The iR NMR of the free and complexed drugs in DjO at 298.15 K are shown in Figs. 
3.6 - 3.9. Chemical shifts for the free drugs were assigned using previously reported 
values^ "^^ "!^ .^
The NMR chemical shift changes o f the protons o f drugs (sodium cephalothin, 
sodium cefoxitin, sodium cefiiroxime and sodium cephaloridine) in the presence o f a , P 
and y-cyclodextrins, respectively relative to those for the free drugs are recorded in 
tables 3.11 to 3.14.
Inspection o f the data presented in tables 3.11, 3.12 and 3.14, reveals that each o f the 
three guest molecules (sodium cephalothin, sodium cefoxitin and sodium 
cephaloridine) undergoes comparable upfield shifts for most o f its proton resonances. 
This indicates the absence o f a particular site of complexation and is compatible with 
an interaction in which the whole guest molecule is involved. Unfortunately, in the case 
of sodium cefiiroxime (table 3.13), the overlap of most o f the signals precludes an 
interpretation o f the NMR spectral changes.
As regard the behaviour of the drugs in the presence o f P-cyclodextrin, only one 
(sodium cephalothin) seems to be affected, as can be seen from the resonance upfield 
shifts o f nearly all o f its protons. Again, the cyclodextrin seems to interact with all the 
molecular structure o f the drug.
For the remaining drugs, no shifts are exhibited by their proton resonances in the 
presence o f P-cyclodextrin which points to absence o f interaction.
These results unequivocally corroborate the thermodynamic data, it can be seen from 
table 3.10 that no heats were observed by the addition o f P-cyclodextrin to the sodium 
salts o f cefoxitin, cefiiroxime and cephaloridine, respectively.
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Inspection o f tables 3.11, 3.12, 3.13 and 3.14 reveals that no effect is exerted by the 
presence o f y-cyclodextrin on the proton resonance positions these drugs, which 
indicates that they do not participate in any interaction with the host molecule.
These findings agree with the thermochemical measurements which show lack o f  
interaction between y-cyclodextrin and these drugs in this solvent. Experimental 
evidence fi^ om thermodynamics and NMR shows that as the number o f the glucose 
units in the cyclodextrin increases in going from a  to y cyclodextrin, the number o f  
drugs interacting with these macrocycles decreases. Therefore, a direct implication o f  
this statement is that the size of the macrocycle is playing an important role in their 
interaction with the drugs.
Finally, it can be concluded that the low stability o f these complexes in water does not 
allow to proceed with their isolation and therefore, it is not possible to establish 
thermodynamically the effect of cyclodextrin on the transfer o f these drugs from water 
to membrane like solvents. Although cyclodextrins may increase the solubility o f the 
drug, the low stability o f their complexes will allow easy dissociation at the water- 
membrane interface and therefore, the bioavailability o f the drug will not be seriously 
affected by the presence o f cyclodextrin. This is by itself an advantage with respect to 
the transfer o f sulphonamides from water where thermodynamic data show that the 
drug is best transferred in the absence of cyclodextrin than in its presence.
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Figure 3.6 NMR spectra of a) the sodium cephalothin-a-cyclodextrin, (b) the
sodium cephalothin-p-cyclodextrin, (c) the sodium cephalothin-y-
cyclodextrin and (d) the free sodium cephalothin in DgO at 298 K.
]04
Chapters Results and Discussion
b)
9'
7,7’ y
CH2CONH— j— k  ^ 3,3'
CH2OCONH2 
COONa
± A
H9,9'
H8
¥ 2
H4
.2* 
m T
\ j j
H3,3'
y
' I ' ' ' ' I ' ■  ^■ I ' ■ ■ M
J1Û_____ 9___
I ' ' ' ' I ' ' ' ' I ' ' ' ' I ' ' ' ' ' ' I............,, 1.. 1 1 1 111.... I I .... I .... I
7_______ 6_______ 5_______ à_______ 3_______ 2________j_______ =0___
ppm
Figure 3.7 % NMR spectra of a) the sodium cefoxitin complex of a-cyclodextrin
and (b) the free sodium cefoxitin in DjO at 298 K.
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Figure 3.8 NMR spectra of the sodium cefuroxime-complex of (a) a-
cyclodextrin and (b) the free sodium cefiiroxime in DjO at 298 K.
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Figure 3.9 NMR spectra of a) the sodium cephaloridine-a-cyclodextrin, (b) the 
sodium cephaloridine-y-cyclodextrin and (c) the free sodium 
cephaloridine in DjO at 298 K.
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Table 3.11 Aô values in the NMR of sodium cephalothin in the presence of 
cyclodextrins at 298.15 K.
Aô/ppm
cc-CD
complex^
p-CD
complex^
y-c d
complex^
H8 H9,9' H5 H4 H2,2' H7,7' H3,3’ HI
-0 .21 -0.17 -0.18 -0.18 -0.18 overlap overlap -0 .21
-0.19 -0.17
-0.13 -0.14 -0.11 -0 .11 -0.13 overlap overlap -0.14
overlap -0 .1 1
0 .0 0 0 .0 0 +0.01 overlap -0 .01 overlap overlap 0 .0 0
overlap +0 .0 2
»The chemical shifts (Ô) in ppm of the protons of sodium cephalothin in DjO at 298.15 
K are 5hi=2.09(s); Ôh2,2'=4 .8 6 ,4.69(d); 8 3^31=3 .60,3.35(d); ÔH4=5.09(m); 6^5=5.63(m); 
ÔH8=7.37(m) and Ôh9,9'^7.04(s).
Table 3.12 Aô values in the %  NMR of sodium cefoxitin in the presence o f  
cyclodextrins at 298.15 K.
Aô/ppm
H8 H9,9' H4 H2,2' H7,7' H3 H5
a-CD complex^ -0.14 -0 .1 2 -0 .11 -0.19 -0 .1 2 overlap -0 .1 0
P-CD complex^ 0 .0 0 0 .0 0 0 .0 0 0 .0 0 0 .0 0 0 .0 0 0 .0 0
y-CD complex^ 0 .0 0 0 .0 0 0 .0 0 0 .0 0 0 .0 0 0 .0 0 0 .0 0
^The chemical shifts (ô) in ppm of the protons o f sodium cefoxitin in DjO at 298.15 K 
are ôjj2,2'=4.78,4.74(d); ôn3'=3.56,3.28(d); 6 4^=5 .14(s); 0^5=3.50(s); Ôh77-=3 .9 5 (s) and 
Sh8=7.37(s).
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Table 3.13 A5 values in the NMR of sodium cefiiroxime in the presence o f  
cyclodextrins at 298.15 K.
Aô/ppm
HIO H9 H8 H5 H4 H2 H7 H3
a-CD -0.54 -0.04 overlap overlap overlap overlap overlap overlap
complex^
p-CD 0.00 0.00 0.00 0.00 0.00 0.00 0.00 0.00
complex^
y-CD 0.00 0.00 0.00 0.00 0.00 0.00 0.00 0.00
complex^
^The chemical shifts (ô) in ppm of the protons o f sodium cefiiroxime in DgO at 298,15 
K are 0^2=4 .8 6 ,4.66(d); 0 3^=3 .66,3.41(d); 0^4=5 .22(m); 0^5=5 .81(m); ÔH7=4 .0 0 (m); Ô 
ng=6.63(s); ôn9=6.89(m) and Ôhio=7.69(s).
Table 3.14 Aô values in the ^H NMR of sodium cephaloridine in the presence o f  
cyclodextrins at 298.15 K.
Aô/ppm
HIO' HIO'" HIO" H8 H9,9' H5 H4 H2,2' H3
-0.23 -0.23 -0.23 -0.23 -0.19 -0.09 -0.42 -0.35
0.04
overlap
-0 .2 0
0 .0 0 0 .0 0 0 .0 0 0 .0 0 0 .0 0 0 .0 0 0 .0 0 0 .0 0 0 .0 0
+0 .01 0 .0 0 +0 .0 2 +0 .01 0 .0 0 +0.04 overlap +0 .0 2 +0 .0 2
a-CD
complex^
P-CD
complex^
y-CD
complex^
^The chemical shifts (ô) in ppm of the protons o f sodium cefiiroxime in D 2O at 298.15 
K are Ôh2,2-'=5 .62(d); 0^3=3.56,3.16(d); ôjj4=5 .3 4 (m); 0 ^5=5 .53(m); Ôh8=7.34(s); ô 
H9,9'=7 .0 1 (m); Ôhio-=8.93(s); Ôhio-=8.57(s) and Ôhio-=8.08(s).
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3.4. THERMODYNAMICS OF LITHIUM AND CROWN 
ETHERS
3.4.1. Stability constants and derived Gibbs energies, enthalpies and 
entropies of complexation
The main bulk o f this thesis concerns thermodynamic aspects on the interaction of 
lithium and crown ethers with the aim of finding new electrolytes with potential use in 
battery technology. Therefore, following the strategy outlined in the introduction, the 
first priority was to determine the stability o f lithium-crown ether complexes in 
solvents commonly used in batteries. On these basis and taking into account previous 
work in the area which suggests that 12 crown 4 (12C4) and 1-benzyl-1-aza-12 crown 
4 (BA12C4) are selective for lithium^*, these ligands were chosen for these 
investigations.
There are several techniques currently used for the determination o f stability constant 
data for complexation reactions involving metal cations and macrocyclic ligands. 
However, the suitability o f the technique is largely dependent on the magnitude o f the 
stability constant. Since trial experiments showed that the log Kg values o f crown 
ethers and lithium are within the scope of calorimetry, this was the technique adopted. 
One o f the main advantages o f calorimetry (macro and micro) relative to other 
techniques available is that not only the stability constant can be derived but also the 
enthalpy associated with the complexation process. Using the following relationship,
A,G° = A ^ ° -T A ,S °  eqn. 3.3
the standard entropy of complex formation, AJ&° can be calculated.
Using lithium salts (lithium hexafiuoroarsenate, lithium tetrafluoroborate, lithium 
trifluoromethanesulfbnate and lithium perchlorate) and solvents (acetonitrile and 
propylene carbonate) currently used in battery technology, calorimetric measurements 
were performed with 12 crown 4. Using a computer programme (see annex 1), the 
stability constant, log Kg and the enthalpy o f complexation, AgH° were obtained. The 
Gibbs energy was derived from the expression
A,G° = -RT-lnKg eqn. 3.4
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where R = 8.31 is the gas universal constant. Microcalorimetric titration
data for 12 crown 4 and Li+ using four different anions (hexafiuoroarsenate, 
tetrafluoroborate, trifluoromethanesulfbnate and perchlorate) in acetonitrile at 298.15 
K (see annexes 2) were used for the calculation o f stability constants and derived Gibbs 
energies and enthalpies for these systems. These are reported in table 3.15. The 
standard deviation o f the data (eqn. 2.35) are included in this table.
There are four possible combinations of enthalpy and entropy which lead to favourable 
Gibbs energy (negative value) and these can be described in the following way. The 
process can be enthalpically controlled as a result o f two possibilities
i) < 0 < TA,S°
A representative example is provided by the complexation reaction between 18 crown 
6  and Cs+ in acetonitrile^ '^  ^at 298.15 K where log Kg = 5.07; AgG°=-28.9 kJ-mol- ;^ 
A ^ ° = -15.6 kJ-mol-i and TA,S° = 13.3 kJ-mofi.
ii) A ^ °  < TA,S° < 0
The reaction between benzo 15 crown 5 and Na+ in methanofl^  ^at 298.15 K fulfil this 
requirement; where log Kg = 2.89; A^G°= -16.5 kJ-mol*^ ; A^ H® = -18.6 kJ-moh  ^ and T 
A,S° = -2.1 J-K-i-moH.
or the process is entropically controlled as a result of
iii)A ^ °< 0 < T A ,S °
This situation is found in the case of the interaction between Na+ and diaza 18 crown 6  
(A2 I8 C6 ) in acetonitrile?^ at 298.15 K, log Kg = 3.92; A,G°=-22.4 kJ-moH; AJi® = 
-3.60 kJ-mol-i and TA,S® = 18.7 J*K-i-mol*i.
iv) TA,S® > A^® > 0
The system involving Li+ and benzo 18 crown 6  (B18C6) in acetonitrile^^  ^ at 298.15 K 
falls within this category. Thus, log Kg = 1.80; AgG®= -10.3 kJ-mol*i; A^ H® = 5.5 kJ* 
moH and TA^ S® = 15.8 kJ-mol*^
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The values reported in table 3.15 show that for these systems, the process is 
enthalpically controlled (negative values) and it is accompanied by an unfavourable 
entropy. Quite clearly, thermodynamic parameters for the complexation o f lithium and 
12 crown 4 in this solvent are anion independent. Accordingly, side processes, such as 
ion-pair formation are not taking place in this solvent.
Table 3.15 Stability constants and derived Gibbs energies, enthalpies and entropies 
for the complexation of 12 crown 4 and lithium salts in acetonitrile at 
298.15 K.
Electrolyte Macrocycle log Kg A^G° A^H° A^ S®
kJmol'i kJ-mol'i TKi-mol'^
Li+AsFg- 12C4 3.23+0.07 -18.43 +0.37 -22.78 +0.92 -14.5
Li+BF -^ 12C4 3.46+0.09 -19.73 +0.54 -21.66+0.63 -6.5
Li+CFgSOg- 12C4 3.52 +0.14 -20.10+0.81 -21.35 +0.79 -4.2
Li+ClO/ 12C4 3.31 ±0.57 -18.88 ±0.27 -21.87 ±0.69 -7.2
In order to assess the solvent effect on the binding process, the complexation o f lithium 
and 12 crown 4 was investigated in propylene carbonate at 298.15 K. The 
thermodynamic parameters for these systems shown in table 3.16 are the result o f  
microcalorimetric data (see annex 2 ).
Table 3.16 Stability constants and derived Gibbs energies, enthalpies and entropies 
for the complexation o f 12 crown 4 and lithium salts in propylene 
carbonate at 298.15 K.
Electrolyte Macrocycle log Kg A^ G® A^ H® A^ S®
kJmol'i kJmol'i J-K'^ -mok^
Li+AsFg- 12C4 2.81 ±0.04 -16.06 ±0.23 -17.70 ±0.04 2.6
Li+BF -^ 12C4 2.79 ±0.03 -15.90 ±0.19 -17.71 ±0.27 6 .0
Li+CFgSOg- 12C4 2.84 ±0.04 -16.21 ±0.25 -17.05 ±0.45 -2 .8
Li+ClO -^ 12C4 2.81 ±0.04 -16.43 ±0.11 -15.29 ±0.04 2.6
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The decrease in stability in propylene carbonate relative to acetonitrile strongly 
suggests that lithium is better solvated in the former solvent than in the latter. This is 
corroborated by the transfer Gibbs energy o f this cation [A^ G® Li+ (PC^AN) = 
7.03 kJ-mol*i; data based on the Ph^AsPh^B convention] which is unfavoured. It is well 
established that in cation complexation reactions involving crown ethers and cryptands, 
the solvation o f the cation plays a predominant role. Thus, Danil de Namor and co- 
workers^ '^^ '^ o-^ '*^  have discussed in several papers this particular point. This is also 
corroborated by the slightly positive entropies (in most cases) which often arise as a 
result o f desolvation o f the cation upon complexation. Negative enthalpies and slightly 
positive entropies leading to a favourable process (negative Gibbs energy), confirm 
that the process is enthalpically controlled.
In an attempt to assess the ligand effect upon complexation with lithium, 12 crown 4 
was replaced by 1-benzyl-1-aza-12 crown 4 ^^  Thus, tables 3.17 and 3.18 report log Kg 
values, and derived Gibbs energies, enthalpies and entropies for the complexation o f  
lithium and this ligand in acetonitrile and in propylene carbonate at 298.15 K. 
Microcalorimetric data used for these calculations are found in Annex 2.
Table 3.17 Stability constants and derived Gibbs energies, enthalpies and entropies 
for the complexation o f 1-benzyl-1-aza-12 crown 4 and lithium salts in 
acetonitrile at 298.15 K.
Electrolyte Macrocycle log Kg A,G®
kJmol'i
AeH°
klmol'^
A,S®
TK-^mol'i
Li+AsFg-
Li+BF -^
Li+CFgSOg-
Li+ClO/
BA12C4 4.25 ±0.04 -24.26 ±0.25 -27.14 ±0.58 -11.0
BA12C4 4.30 ±0.01 -24.55 ±0.06 -27.54 ±0.53 -10.0
BA12C4 4.31 ±0.02 -24.60 ±0.25 -27.44 ±0.33 -9.5
BA12C4 4.31 ±0.04 -24.60 ±0.25 -28.50 ±0.17 -13.1
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Table 3.18 Stability constants and derived Gibbs energies, enthalpies and entropies 
for the complexation o f 1-benzyl-1-aza-12 crown 4 and lithium salts in 
propylene carbonate at 298.15 K.
Electrolyte Macrocycle log Kg A,G°
kJmol'i kJmol+
A,S®
JK-i-mol-i
Li+AsF/
Li+BF -^
Li+CFgSOg-
Li+ClO -^
BA12C4 4.08+0.05 -23.29+0.02 -24.59 ±0.31 -4.4
BA12C4 4.39 ±0.02 -25.06 ±0.02 -24.98 ±0.21 0.2
BA12C4 4.59 ±0.04 -26.20 ±0.25 -24.70 ±0.03 5.0
BA12C4 4.32 ±0.04 -24.66 ±0.25 -23.30 ±0.62 4.6
The results in terms o f Gibbs energies are rather surprising given that the electron 
donor atoms in 12 crown 4 are oxygens which are known to interact with alkali-metal 
cations (hard cations) more strongly than the softer nitrogen atom. In addition, the 
attachment o f a phenyl group to nitrogen is expected to have an electron withdrawing 
effect on the nitrogen and therefore, its ability to interact with the metal cation is 
weakened. However, the data show that replacement o f 12 crown 4 by 1-benzyl-1-aza- 
12 crown 4 increases the stability of the complex in both solvents relative to 12 crown 
4. This is in accord with the statement made by Gokel and c o w o r k e r s ^ ^  that the 
difference between side-arm (lariat) ethers from simple monocyclic crowns is that in 
the former both, the macrocyclic ring and the side arm may participate in the 
complexation process increasing their stability.
In order to proceed with a detailed interpretation o f the process, thermodynamic 
parameters o f complexation of lithium and both crowns in the two solvent are shown 
in table 3.19.
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Table 3.19 Summary o f the stability constants and derived Gibbs energies, 
enthalpies and entropies for the complexation o f crown ethers (1 2  
crown 4 and 1-benzyl-1-aza-12 crown 4) and lithium salts in acetonitrile 
and in propylene carbonate at 298.15 K.
Electrolyte Macrocycle log I s A,G°
kJ-mol’i
AeH°
kJmol-1
A,S°
JK-i-mol'i
Li+AsFg- 12C4 3.23 ±0.07
Acetonitrile 
-18.43 ±0.37 -22.78 ±0.92 -14.5
Li+BF -^ 12C4 3.46 ±0.09 -19.73 ±0.54 -21.66 ±0.63 -6.5
Li+CFgSOj- 12C4 3.52 ±0.14 -2 0 .1 0  ±0.81 -21.35 di0.79 -4.2
Li+ClO -^ 12C4 3.31 ±0.57 -18.88 ±0.27 -21.87 ±0.69 -7.2
Li+AsFg- BA12C4 4.25 ±0.04 -24.26 ±0.25 -27.14 ±0.58 - 1 1 .0
Li+BF -^ BA12C4 4.30±0.01 -24.55 ±0.06 -27.54 ±0.53 - 1 0 .0
Li+CFjSOg- BA12C4 4.31 ±0.02 -24.60 ±0.25 -27.44 ±0.33 -9.5
Li+ClO -^ BA12C4 4.31 ±0.04 -24.60 ±0.25 -28.50 ±0.17 -13.1
Li+AsFg- 12C4
Propylene Carbonate 
2.81 ±0.04 -16.06 ±0.23 -17.70 ±0.04 2 .6
Li+BF -^ 12C4 2.79 ±0.03 -15.90 ±0.19 -17.71 ±0.27 6 .0
Li+CF^SOg- 12C4 2.84 ±0.04 -16.21 ±0.25 -17.05 ±0.45 -2 .8
Li+ClO -^ 12C4 2.81 ±0.04 -16.43 ±0.11 -15.29 ±0.04 2 .6
Li+AsFg- BA12C4 4.08 ±0.05 -23.29 ±0.02 -24.59 ±0.31 -4.4
Li+BF -^ BA12C4 4.39 ±0.02 -25.06 ±0.02 -24.98 ±0.21 0 .2
Li+CFjSOg- BA12C4 4.59 ±0.04 -26.20 ±0.25 -24.70 ±0.03 5.0
Li+ClO,- BA12C4 4.32 ±0.04 -24.66 ±0.25 -23.30 ±0.62 4.6
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In general terms, it can be stated that
i) The complexation o f lithium and these crown ethers in these solvents is enthalpy 
controlled.
ii) The stability (in enthalpic terms) is higher in acetonitrile than in propylene 
carbonate.
iii) 1-benzyl-1-aza-12 crown 4 interacts more strongly with lithium than 12 crown 4.
Danil de Namor and co-workers^^’^ ^^ ’^ '^ '^  have stated in a number o f papers that a 
detailed interpretation of the complexation process in solution requires information on 
the differences in solvation of the host, the guest and the resulting complex in the 
appropriate solvents. Since the information given in table 3.19 indicate that lithium- 
crown ether complexes are stable enough as to proceed with their isolation, in the 
following section the solution thermodynamics of crown ethers, lithium and lithium 
coronand salts are discussed.
3.5. SOLUTION THERMODYNAMICS OF CROWN ETHERS, 
LITHIUM AND LITHIUM CORONAND SALTS IN 
ACETONITRILE AND IN PROPYLENE CARBONATE AT 
298.15 K.
Due to the difficulties encountered with the high solubilities o f crown ethers, lithium 
and lithium coronand salts, mainly because either the ligand, or the salts or both are 
solvated in these solvents, accurate Gibbs energy data could not be obtained. Since 
these limitations are not applicable to the determination o f enthalpy, the following 
discussion concerns the thermochemical properties o f crown ethers, lithium and lithium 
coronand salts in acetonitrile and in propylene at 298.15 K. These data were obtained 
from enthalpy measurements carried out calorimetrically. These are presented as 
follows.
i) Standard enthalpies of solution 12 crown 4 and 1-benzyl-1-aza- 12  crown 4 in 
acetonitrile and in propylene carbonate at 298.15 K.
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ii) Standard enthalpies o f solution of lithium salts in acetonitirle and in propylene 
carbonate at 298.15 K.
iii) Isolation o f lithium coronand salts containing different anions.
iv) Standard enthalpies o f solution o f lithium coronand salts in acetonitrile and in
propylene carbonate at 298.15 K.
v) Single-ion values.
vi) Enthalpies o f coordination calculated from solution data.
3.5.1. Standard enthalpies of solution of 12 crown 4 and l-benzyl-l-aza-12 
crown 4 in acetonitrile and in propylene carbonate at 298.15 K.
12 Crown 4 (12C4) and l-benzyl-l-aza-12 crown 4 (BA12C4) are neutral macrocycles 
and therefore, these are non-electrolytes. Enthalpies o f solution o f 12 crown 4 in 
acetonitrile at 298.15 K at different concentrations (molar scale) are reported in table 
3.20. Since there is hardly any variation in the A^ H values with changes in 
concentration, the standard enthalpy of solution of 12 crown 4 in this solvent at 298.15 
K is the average value of the data given in the table. The same applies to the 
determination o f the standard enthalpies of solution o f 12 crown 4 in propylene 
carbonate (table 3.21); l-benzyl-l-aza-12 crown 4 in acetonitrile (table 3.22) and in 
propylene carbonate (table 3.23). All heats measured were corrected for the heat of 
breaking o f empty ampoules in these solvents.
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Table 3.20 Enthalpies o f solution of 12 crown 4 in acetonitrile at 298.15 K.
c^
mol-dm'3 mol^ 'dm"^ /^ kJmol 1
4.086e-3 6.392e-2 -3.68
4.596e-3 6.603e-2 -3.59
5.447e-3 7.380e-2 -3.66
5.901e-3 7.682e-2 -3.56
7.121e-3 8.439e-2 -3.72
Standard value, A fl° = -3.64 ±0.07 kJ-mol-i
 ^- Final concentration in the calorimetric vessel 
These data have been corrected for the heat o f breaking o f empty ampoules in 
acetonitrile ( Q = -0.160 J)
Table 3.21 Enthalpies of solution o f 12 crown 4 in propylene carbonate at 298.15 
K.
c^
mol'dm'^
^ 0
mol '^dm- /^^
A,Hb
kJ-mol'i
1.568e-2 1.252e-l -3.06
4.681e-2 2.164e-l -2.99
7.763e-2 2.786e-l -3.10
1.082e-l 3.289e-l -3.12
1.831e-l 4.280e-l -3.01
Standard value, = -3.06 ±0.06 kJ-moh^
 ^- Final concentration in the calorimetric vessel
These data have been corrected for the heat of breaking of empty ampoules in
propylene carbonate ( Q = -0.100 J)
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Table 3.22 Enthalpies o f solution of l-benzyl-l-aza-12 crown 4 in acetonitrile at 
298.15 K.
c^
mol-dm*^
4 1
mol '^dm' /^^ kJmol-i
2.487e-3 4.987e-2 1.71
2.692e-3 5.189e-2 1.80
3.301e-3 5.746e-2 1.71
3.445e-3 5.870e-2 1.78
4.433e-3 6.658e-2 1.65
Standard value, AgH° = 1.73 ±0.06 kJ-mol'^
 ^- Final concentration in the calorimetric vessel
b- These data have been corrected for the heat o f breaking o f empty ampoule
acetonitrile ( Q = -0.160 J)
Table 3.23 Enthalpies o f solution of l-benzyl-aza-12 crown 4 in
carbonate at 298.15 K.
c^ ■fc A ^
mol-dm-3 mol '^dm- /^^ kJmol 1
2.183e-2 1.477e-l -3.59
3.265e-2 1.807e-l -3.38
3.625e-2 1.904e-l -3.33
3.984e-2 1.996e-l -3.01
Standard value, AJî° = -3.32 ±0.21 kJ-mol-^
 ^- Final concentration in the calorimetric vessel
These data have been corrected for the heat of breaking of empty ampoules in
propylene carbonate ( Q = -0.100 J)
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The standard enthalpy o f solution o f a solute (s) in a solvent involves the contribution 
o f the crystal lattice enthalpy, A^ jH® (endothermie process) and that of 
solvation, (exothermic process) as shown in the following thermochemical
cycle
s (gas)
s (solid) -------► s (s)
eqn. 3.5
Depending on which o f the two processes predominates, the enthalpy o f solution is 
endothermie or exothermic.
It can be seen from tables 3.20 - 3.23 that in most cases, the dissolution process takes 
place with the release o f energy (exothermic reaction), except for BA12C4 where a 
positive AgH® is found in acetonitrile. It becomes clear that in most cases, the solvation 
process predominates. As a result, 12 crown 4 is enthalpically more stable in 
acetonitrile than in propylene carbonate. The opposite is true for l-benzyl-l-aza-12 
crown 4.
The crystal lattice contribution can be removed by considering the enthalpy o f transfer, 
A^ H® of the solute from a reference solvent (s*) to another solvent (s^) as shown in the 
following equation,
A^®(si^S2) = AgH®(s2) - AgH®(si) eqn. 3.6
Thus, eqn. 3.6 reflects the difference in solvation o f the solute between two solvents.
The enthalpies for the transfer o f the crown ethers from propylene carbonate to 
acetonitrile are reported in table 3.24. Although A^ H® values reveal that 12C4 is 
slightly better solvated in acetonitrile than in propylene carbonate, while BA12C4 
shows an opposite behaviour, the solvation properties o f these solvents for these 
ligands are not dramatically different.
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Table 3.24 Standard enthalpies o f transfer, (AjH®) o f 12 crown 4 and l-benzyl-l- 
aza-12 crown 4 from propylene carbonate to acetonitrile at 298.15 K. 
Data in kJ-mohk
12 crown 4 1 -benzyl-1 -aza-12 crown 4
AgH°(AN) -3.64^ 1.73®
AgH°(PC) -3.06b -3.32d
AtH°(PC^AN) -0.58 5.05
^From table 3.20; ^From table 3.21; ‘=From table 3.22; *^ From table 3.23.
3.5.2. Standard enthalpies of solution of lithium salts in acetonitrile and in 
propylene carbonate at 298.15 K.
Despite the current use of lithium hexafluoroarsenate, LiAsF^; lithium 
tetrafluoroborate, LiBF ;^ lithium trifluoromethanesulphonate, LiCFgSOg and lithium 
perchlorate, LiClO^ as electrolytes in lithium battery technology, the enthalpies of  
solution o f these electrolytes (except LiClO  ^ and LiCF^SOg) have not been reported. 
Thus, solution enthalpy data for LiAsFg (table 3.25); LiBF  ^(table 3.26); LiCF^ SOg^ '^ ;^ 
in acetonitrile reflect that these are not dependent of the electrolyte concentration. 
Therefore, the standard enthalpies of solution of these electrolytes in these solvents are 
the average value o f the A^ H given in these tables for each electrolyte. For LiClO^ 
(table 3.27) large variations are found in the A^ H values with changes in the electrolyte 
concentration. Therefore, the standard enthalpy o f solution, A^ H® for this electrolyte is 
the value at c = 0  from a plot of AgH against c .^ As far as propylene carbonate is 
concerned, data for lithium tetrafluoroborate are reported in table 3.28. In order to 
facilitate the discussion, AgH® values for lithium salts in acetonitrile and in propylene 
carbonate at 298.15 K are summarised in table 3.29.
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Table 3.25 Enthalpies o f solution o f lithium hexafluoroarsenate (LiAsFg) in 
acetonitrile at 298.15 K.
C^ 4 1
mol’dm*^ mol '^dm'3/^ kJ*mol'i
1.234e-3 3.640e-2 -18.35
3.729e-3 6 .1 1 0e-2 -18.40
5.821e-3 7.641e-2 -18.55
9.428e-3 9.712e-2 -18.50
Standard value, A^ H® = -18.45 ±0.09 kJ-mok1
Table 3.26 Enthalpies o f solution of lithium tetrafluorobomate (I
acetonitrile at 298.15 K.
c^ 4 1 4 H -
mol-dm-3 moM'dm'^ ^^ kJ-mol'^
2.050e-3 4.528e-2 -13.16
2.618e-3 5.117e-2 -13.40
5.323e-3 7.297e-2 -12.37
6.497e-3 8.061e-2 -11.69
7.262e-3 8.521e-2 -13.05
Standard value, AgH® = -12.73 ±0.70 kj-mol'^
 ^- Final concentration in the calorimetric vessel
b- These data have been corrected for the heat o f breaking o f empty ampoules in 
acetonititrile ( Q = -0.160 J)
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Table 3.27 Enthalpies o f solution of lithium perchlorate (LiClO^) in acetonitrile at 
298.15 K.
c^
mol-dm'3
v ;
mol '^dm' /^^
4H »
kJ-mol*^
6.124e-3 7.826e-2 -25.10
9.241e-3 9.613e-2 -22.46
1.232e-3 l.lOOe-1 -18.62
1.546e-3 1.243e-l -15.99
Standard value, A^ H® = -40.60* ±0 .11  kJ-mol'i
* value at c=o from a plot o f A^ H against c .^
 ^- Final concentration in the calorimetric vessel
b- These data have been corrected for the heat o f breaking o f empty ampoules in 
acetonititrile ( Q = -0.160 J).
Table 3.28 Enthalpies o f solution o f lithium tetrafluorobronate (LiBF^) in 
propylene carbonate at 298.15 K.
c^
mol*dm*3 moM'dm- /^^
AgHb
kJ*mol‘i
2.878e-3 5.365e-2 -14.43
3.736e-3 6 .11 2e-2 -15.64
8.206e-3 9.059e-2 -12.08
1.746e-2 1.320e-2 -16.79
Standard value, A^ H® = -14.74 dh2.02 kJ-mol'^
» - Final concentration in the calorimetric vessel
b- These data have been corrected for the heat of breaking of empty ampoules in
propylene carbonate ( Q = -0.100 J)
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Table 3.29 Standard enthalpies for solution o f various lithium electrolytes in 
propylene carbonate and in acetonitrile at 298.15 K.
/ A^® (kJ.mol-i) \
Electrolyte AgH® (AN) AgH® (PC)
LiAsFg -18.45 -15.14b
LiBF^ -12.73 -14.74
LiCFgSOs -15.59b -12.5Qb
LiClO^ -40.6H -41.IL
^Value at c=0 from a plot of A^ H against c .^ bRef 145 and ®Ref. 146.
In order to interpret the standard enthalpies o f solution o f common lithium salts in 
these solvents, eqn 3.5 is considered for a 1 : 1 (M++X) electrolyte. Thus,
M+X-(gas)
A c |H ° /  \  soivH
0
M+X-(solid)  ► M  ^+ X-(s)
eqn. 3.7
Hence, A^ H® = A^ jH® + 4 „ i^ °  eqn. 3.8
The results in table 3.29 show that the dissolution o f these electrolytes in these 
solvents takes place with a release of energy (exothermic process) and therefore, for 
these electrolytes the solvation process predominates over the crystal lattice process.
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In order to investigate the differences in solvation o f these electrolytes in propylene 
carbonate and in acetonitrile, transfer enthalpies, A^ H®, from propylene carbonate (PC) 
to acetonitrile (AN) are calculated (eqn. 3.6). These are shown in table 3.30.
Table 3.30 Standard enthalpies for the transfer o f lithium salts from propylene 
carbonate to acetonitrile in kJ-mol*i at 298.15 K.
Electrolyte 4H®(PC-^AN)
LiAsFg -3.31
LiBF4 -2 .0 1
LiCFjSOj -1.93
LiClO^ +0.50
Results show that except for LiClO ,^ these lithium salts are more stable (in enthalpic 
terms) in acetonitrile than in propylene in a decreasing order o f LiAsFg > LiBF^ > 
LiCFgSOg, although it may be emphasised that the differences in the solvation o f these 
electrolytes in these solvents are not very significant.
3.5.3. Isolation of lithium coronand salts containing different anions
The thermodynamics of complexation o f lithium salts and crown ethers (12C4 and 
BA12C4) (table 3.19) show that the stability of these complexes is high enough as to 
proceed with their isolation. This is now discussed.
In the experimental section the synthesis o f lithium coronand salts (hexafluoroarsenate, 
tetrafluoroborate, trifluoromethanesulfonate and perchlorate) was described. 
Microanalysis data carried out at the University o f Surrey are shown in table 3.31.
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Table 3.31 Microanalysis data for lithium coronand salts.
%C %H N% %C H% %N
Salts j-----Calculated-----\ /---- Found-
[Li+12C4]C104* 34.00 5.71 34.58 6.30
[Li+12C4]CF3S03- 32.54 4.85 32.18 4.87
[Li+12C4]AsFg- 25.83 4.33 25.42 4.36
[LiH2C4]BF4- 35.59 5.97 35.62 6 .1 2
[LLBA12C4]AsFg- 39.06 5.03 3.04 38.60 5.07 2.87
[Li+BA12C4]BF4- 50.17 6.46 3.90 50.08 6.58 3.87
[LLBA12C4]C104- 48.46 6.24 3.77 48.77 6.78 3.77
[LLBA12C4]CF3S03- 45.61 5.50 3.32 44.66 5.48 3.17
A total o f eight new lithium coronand salts were successfully isolated. In most cases 
there is a good agreement between calculated and found values. In the following 
section, calorimetric studies aimed to determine the standard enthalpies of 
solution, AgH®, o f these new electrolytes in acetonitrile and in propylene carbonate are 
presented.
3.5.4. Standard enthalpies of solution of lithium coronand salts in 
acetonitrile and in propylene carbonate at 298.15 K.
The isolation o f solid lithium coronands allows to proceed with measurements o f  
enthalpies o f solution o f lithium coronand salts in propylene carbonate and in 
acetonitrile by calorimetry at 298.15 K.
Enthalpies o f solution o f lithium 12 crown 4-hexafluoroarsenate (Lil2C4)AsFg, lithium 
12 crown 4-tetrafluoroborate (Lil2 C4 )BF4, lithium 12 crown 4- 
trifluoromethanesulfonate (Lil2 C4 )CF3S0 g and lithium 12 crown 4-perchlorate 
(L il2 C4 )C104 at various electrolyte concentrations are reported in tables 3.32, 3.33,
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3.34 and 3.35; respectively. Enthalpies of solution for lithium l-benzyl-l-aza-12 crown 
4-hexafluoroarsenate (LiBA12C4)AsFg, lithium l-benzyl-l-aza-12 crown 4- 
tetrafluoroborate (LiB A12C4)BF^, lithium l-benzyl-l-aza-12 crown 4- 
trifluoromethanesulfonate (LiBA12C4 )CFgS0 3  and lithium l-benzyl-l-aza-1 2  crown 
4-perchlorate (LiBA12C4 )C104 are listed in tables 3.36, 3.37, 3.38 and 3.39; 
respectively. Since in these solvents, no significant variations are found in the A^H with 
changes in the electrolyte concentration, the standard enthalpies o f solution for a given 
electrolyte in acetonitrile at the standard temperature are the average value o f the data 
given in each o f these tables.
Corresponding data for electrolytes containing 12 crown 4 and l-benzyl-l-aza-12 
crown 4 in propylene carbonate at 298.15 K are reported in tables 3.40 to 3.47. For 
[Li+12C4]AsFg in propylene carbonate, there are significant variations in the A^H 
values with changes in the electrolyte concentration as shown in tables 3.40. For this 
particular electrolyte, the standard enthalpy o f solution, A^ H® is the intercept at c = 0  
o f a plot o f AgH against the square root of the concentration (for 1 : 1 electrolytes, the 
ionic strength is equal to the molar concentration) as shown in Fig. 3.10.
18 --
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16144 6 8 10 120 2
102 ^  (moF/2.dm-3/2)
Figure 3.10 Plot of A^ H versus Vl for [Li+12C4]AsFg- in propylene carbonate at 
298.15 K.
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Table 3.32 Enthalpies o f solution of lithium 12 crown 4-hexafluoroarsenate 
coronand in acetonitrile at 298.15 K.
C^
mol-dm-2
v ;
mol^'dm-2/2 kJ-mol*i
2.620e-3 5.118e-2 6 .6 6
3.227e-3 5.68 le-2 7.72
5.485e-3 7.406e-2 7.05
6.177e-3 7.859e-2 7.35
7.93 le-3 8.906e-2 7.09
Standard value, A„H° = 7.17 ±0.39 kJ*mol*i
Table 3.33 Enthalpies o f solution of lithium 12 crown 4-tetrafluoroborate coronand
in acetonitrile at 298.15 K.
c^
mol*dm-2
4 1
mol^ dm'2/2
AgHb
kJ-mol*i
1.880e-3 4.335e-2 6.08
2.347e-3 4.846e-2 6.26
2.495e-3 4.995e-2 6.13
2.843e-3 5.332e-2 6.03
3.471e-3 5.891e-2 6.31
6.177e-3 7.859e-2 7.35
7.93 le-3 8.906e-2 7.09
Standard value, AgH® = 6.04 ±1.40 kJ-mol-^
 ^- Final concentration in the calorimetric vessel
b- These data have been corrected for the heat of breaking of empty ampoules in
acetonititrile ( Q = -0.160 J)
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Table 3.34 Enthalpies of solution o f lithium 12 crown 4-trifluoromethanesulfbnate 
coronand in acetonitrile at 298.15 K.
C» V c AgHb
mol'dm'2 mol^'dm-2/2 kJ-mol*i
1.542e-3 3.927e-2 14.51
2.373e-3 4.871e-2 15.93
3.512e-3 5.926e-2 17.30
4.962e-3 7.044e-2 15.33
5.849e-3 1.648e-2 15.84
7.506e-3 8.453e-2 15.22
Standard value, AgH® = 15.69+0.94 kJ-mol+
Table 3.35 Enthalpies of solution of lithium 12 crown 4-perchlorate coronand in 
acetonitrile at 298.15 K.
C» V c AgPP
mol'dm'2 moM'dm-2/2 kJ-mol'^
1.558e-3 3.973e-2 1.30
2.565e-3 5.064e-2 1.24
3.962e-3 6.294e-2 1.14
5.584e-3 7.473e-2 1.44
6.641e-3 8.149e-2 1.23
Standard value, A^ H® = 1.27+1.11 kJ-moH 
 ^- Final concentration in the calorimetric vessel
b- These data have been corrected for the heat o f breaking o f empty ampoules in 
acetonititrile ( Q = -0.160 J)
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Table 3.36 Enthalpies o f solution of lithium l-benzyl-l-aza-12 crown 4- 
hexafluoroarsenate coronand in acetonitrile at 298.15 K.
C»
mol-dm-3 mol^'dm'2/2 kJ-mol'i
3.144e-3 5.607e-2 8.64
6.918e-3 8.317e-2 8 .8 8
6.934e-3 8.327e-2 8 .8 6
7.13 le-3 8.445e-2 8.61
= 8.75 ±0.14 kJ-moH
pies o f solution o f lithium l-benzyl-l-aza-1 2  cr 
joroarsenate coronand in acetonitrile at 298.15 K
c^ v ; A ^
mol dm-2 mol^dm'2/2 kJ-mol+
1.585e-3 3.981e-2 1 0 .6 6
1.963e-3 4.43 le-2 9.291
2.204e-3 4.695e-2 9.328
3.144e-3 5.607e-2 9.033
5.796e-3 7.613e-2 8.803
Standard value, A^ H® = 9.42 ±0.72 kJ-mol+
 ^- Final concentration in the calorimetric vessel
These data have been corrected for the heat of breaking of empty ampoules in
acetonititrile ( Q = -0.160 J)
130
Chapter 3 Results and Discussion
Table 3.38 Enthalpies o f solution of lithium l-benzyl-l-aza-12 crown 4- 
trifluoromethanesulfbnate coronand in acetonitrile at 298.15 K.
c  ^ V c AgHb
mol*dm*2 mol^'dm-2/2 kJ*mol+
1.976e-3 4.446e-2 19.74
2.122e-3 4.606e-2 18.40
2.450e-3 4.950e-2 19.18
2.489e-3 4.989e-2 18.10
2.686e-3 5.182e-2 19.12
3.743e-3 6 118e-2 19.01
5.827e-3 7.633e-2 19.14
Standard value, AgH° = 18.96 ±0.55 kJ-mol+
Table 3.39 Enthalpies o f solution of lithium l-benzyl-l-aza-12 crown 4-perchlorate
coronand in acetonitrile at 298.15 K.
Ca
mol'dm-2
41
mol^'dm'^ /2 kJ*mol+
1.420e-3 3.768e-2 9.34
1.591e-3 3.989e-2 9.58
1.719e-3 4.467e-2 9.94
2.086e-3 4.568e-2 8.94
3.614e-3 6 .01  le -2 8 .8 8
3.632e-3 6.026e-2 8.99
4.877e-3 6.984e-2 9.05
Standard value, AgH® = 9.25 ±0.39 kJ-mol+
 ^- Final concentration in the calorimetric vessel 
These data have been corrected for the heat o f breaking o f empty ampoules in 
acetonititrile ( Q = -0.160 J)
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Table 3.40 Enthalpies o f solution of lithium 12 crown 4-hexafluoroarsenate 
coronand in propylene carbonate at 298.15 K.
C Vc
mol" dm 2 mol^'dm'2/2 kJ-mol+
2.147e-3 4.633e-2 11.97
3.236e-3 5.689e-2 10.99
4.742e-3 6 .8 8 6 e-2 10.23
8.018e-3 8.954e-2 8.974
1.104e-2 1.051e-l 7.925
Standard value, AgH° = 14.91* ±0.13 kJ-mol+ 
*value at c=o fi*om a plot o f AgH vs Vc.
Table 3.41 Enthalpies of solution of lithium 12 crown 4-tetrafluoroborate coronand 
in propylene carbonate at 298.15 K.
c^
mol*dm*2
4 1
mol^'dm-^ /2 kJ-mol+
2.014e-3 4.488e-2 9.793
3.020e-3 5.495e-2 9.043
3.192e-3 5.649e-2 10.29
3.256e-3 5.706e-2 9.871
3.310e-3 5.753e-2 9.330
3.315e-3 5.758e-2 9.938
4.284e-3 6.545e-2 9.210
5.747e-3 7.581e-2 9.648
Standard value, AgH® = 9.64± 0.39kJ-mol-
 ^- Final concentration in the calorimetric vessel
b- These data have been corrected for the heat of breaking of empty ampoules in
acetonititrile ( Q = -0.160 J)
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Table 3.42 Enthalpies of solution of lithium 12 crown 4-trifluoromethanesulfbnate 
coronand in propylene carbonate at 298.15 K.
C»
mol-dm*2
4 1
mol^dm-2/2 kJ*mol+
1.400e-3 3.740e-2 22.34
2.853e-3 5.341e-2 19.94
2.873e-3 5.360e-2 22.72
3.085e-3 5.553e-2 19.88
3.228e-3 5.682e-2 19.14
5.581e-3 7.470e-2 21.54
7.214e-3 8.496e-3 19.65
Standard value, AgH® = 20.74 ±1.43 kJ-mol'^
Table 3.43 Enthalpies o f solution of lithium 12 crown 4-perchlorate coronand in 
propylene carbonate at 298.15 K.
c^
mol‘dm-2
4 1
mol^'dm-^ /2
A,H>
kJ*mok^
3.810e-3 6.173e-2 5.43
4.562e-3 6.754e-2 5.39
6.127e-3 7.828e-2 5.53
7.282e-3 8.523e-2 5.04
1 .1 2 1e-2 1.058e-l 4.77
Standard value, AgH® = 5.23 ±0.32 kJ-mol+
 ^- Final concentration in the calorimetric vessel
These data have been corrected for the heat of breaking of empty ampoules in
propylene carbonate ( Q = -0.100 J)
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Table 3.44 Enthalpies o f solution o f lithium l-benzyl-l-aza-12 crown 
hexafluoroarsenate coronand in propylene carbonate at 298.15 K.
c^ 4~o
mol'dm-2 mol^'dm'2/2 kJ*mol+
1.248e-3 3.532e-2 12.47
1.326e-3 3.642e-2 12.53
1.525e-3 3.905e-2 12.95
2.179e-3 4.668e-2 1 2 .1 0
3.143e-3 5.606e-2 11.15
4.138e-3 6.433e-2 1 2 .0 0
Standard value, A^ H® = 12.20 ±0.56 kJ*mol+
Table 3.45 Enthalpies o f solution o f lithium l-benzyl-l-aza-12 crown 
tetrafluoroborate coronand in propylene carbonate at 298.15 K.
c^ 4 1 4 »
mol'dm-2 mof"^ 'dm'2/2 kJ*mol*i
1.358e-3 3.687e-2 13.52
1.449e-3 3.806e-2 13.44
1.582e-3 3.978e-2 13.30
1.668e-3 4.084e-2 13.29
2.648e-3 5.146e-2 13.65
3.599e-3 5.999e-2 14.19
5.069e-3 7.120e-2 14.18
Standard value, A^ H® = 13.65 ±0.36 kJ-mol+
 ^- Final concentration in the calorimetric vessel
b- These data have been corrected for the heat of breaking of empty ampoules in
propylene carbonate ( Q = -0.100 J)
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Table 3.46 Enthalpies o f solution of lithium l-benzyl-l-aza-12 crown 4- 
trifluoromethanesulfbnate coronand in propylene carbonate at 298.15 
K.
c® V c
mol" dm 2 mol^'dm'2/2 kJ*mol+
1.374e-3 3.704e-2 23.41
1.643e-3 4.053e-2 22.15
1.871e-3 4.325e-2 22.18
2.351e-3 4.866e-2 23.00
2.410e-3 4.909e-2 21.98
3.270e-3 5.724e-2 22.39
5.437e-3 7.374e-2 22.42
Standard value, A^ H® = 22.50 ±0.51 kJ-mol+
Table 3.47 Enthalpies o f solution o f lithium l-benzyl-l-aza-12 crown 4-perchlorate 
coronand in propylene carbonate at 298.15 K.
c  ^ V c AgH>
mol'dm-2 mol^ dm-2/2 kJ*mol+
1.689e-3 4.110e-3 8.665
1.949e-3 4.414e-2 10.90
2.616e-3 5.115e-2 9.824
2.916e-3 5.400e-2 9.620
3.787e-3 6.154e-2 9.134
4.638e-3 6.810e-2 9.550
Standard value, A^ H® =9.62 ±0.75 kJ-mol+
Final concentration in the calorimetric vessel
b- These data have been corrected for the heat of breaking of empty ampoules in
propylene carbonate ( Q = -0.100 J)
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Standard enthalpies of solution of lithium coronand salts (new electrolytes) in 
acetonitrile and in propylene carbonate at 298.15 K are summarised in table 3.48. 
Unlike common lithium salts (exothermic process; see table 3.29.), enthalpies o f  
solution o f lithium coronand salts in acetonitrile and in propylene carbonate are 
positive (endothermie process, see table 3.48). As far as lattice enthalpies o f ionic 
solids containing the same anion are concerned, it is expected that as the size o f the 
cation increases (in going from lithium to lithium coronand), the amount o f heat 
supplied to break up the solid decreases. On this basis and provided that no specific 
interactions are present in the system (ligand and anion in the solid state); the heat 
required to break the crystal lattice in the uncomplexed lithium salt would be 
considerably larger (more endothermie) than that for the lithium coronand salt. 
Therefore, the experimental evidence clearly indicate the exothermic character o f the 
dissolution process for the single salt against the endothermie nature observed for the 
dissolution o f the new coronand salts. These results are striking and strongly suggest 
that the lithium coronand electrolytes are much less solvated in these solvents than the 
common lithium salts; and if so, these findings must have important implications on the 
conductivity o f these electrolytes, a relevant aspect to consider in lithium battery 
technology. This is discussed later o n .
In order to gain information regarding the differences in the enthalpy associated with 
solute-solvent interactions, the enthalpies o f transfer o f crown ethers (table 3.24), 
common lithium electrolytes (see table 3.30), were calculated. The availability o f  
standard enthalpies o f solution of these new electrolytes in two solvents, leads to the 
calculation o f their standard enthalpies o f transfer from propylene carbonate to 
acetonitrile at 298.15 K and these are reported in table 3.48.
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Table 3.48 Standard enthalpies o f transfer of lithium coronand salts from propylene
carbonate to acetonitrile at 298. 15KinkJ-moH.
Compound /------------ A, ----------- \ AtH®(PC->AN)
AN PC
[LM2C4]AsFg- 7.17+0.39 14.91+0.13^ -7.74
[Li+12C4]BF4- 6.04+1.40 9.64 +0.39 -3.60
[Li+12C4]CF3S03- 15.69 +0.94 20.74+1.43 -5.05
[Li+12C4]C104- 1.27+0.11 5.23 +0.32 -3.96
[Li+BA12C4]AsFg- 8.75+0.14 12.20 +0.56 -3.45
[Li+BA12C4]BF4- 9.42 +0.72 13.65 +0.36 -4.23
[Li+BA12C4]CF3S03- 18.96 +0.55 22.50 +0.50 -3.54
[Li+BA12C4]C104- 9.25 +0.39 9.62 +0.75 -0.37
^Value at c = o from a plot of AgH° against c .^
The results unambiguously demonstrate that these new electrolytes are enthalpically 
more stable in acetonitrile than in propylene carbonate as reflected in the negative A^ H® 
values obtained. However, since electrolytes are constituted by cation-anion 
combinations, it is difficult to assess the contribution o f each individual ion. Therefore, 
single-ion values are calculated using an extrathermodynamic convention since it is not 
possible to measure the transfer enthalpy of a single-ion.
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3.5.5. Single-ion values
Several extrathermodynamic conventions have been suggested for the determination o f  
single-ion values. Often, these conventions are based on electrolytes constituted by 
large cations and anions with a low density charge in order to minimise specific 
interactions between the ions and the solvent. The most widely used 
extrathermodynamic convention is that proposed by Parker^ ?^. This is known as the 
tetraphenylarsonium tetraphenylborate convention which states that
AtP°Ph4As+(Si->S2) = AtP°Ph4B*(Si->S2) eqn. 3.9
P = G°, H° and S°.
or AtP°PhP+(si->S2) = AtP°PhB-(si->S2) eqn. 3.10
The choice o f these conventions is based on the fact that experimental data suggest 
that the
AjP® Ph4AsPh4B(si->S2) 5  2A^P° Ph4C(Si^S2) eqn. 3.11
If so; the ions constituents o f Ph4AsPh4B must be characterised by low charge densities 
and minimum interaction with the solvent since eqn. 3.11 show that each individual ion 
in Ph4AsPh4B behaves as an uncharged entity (Ph4C).
In order to proceed with these calculations, transfer enthalpies o f common and new 
coronand electrolytes from propylene carbonate to acetonitrile at 298.15 K are 
summarised in table 3.49.
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Table 3.49 Standard enthalpies of transfer o f lithium and lithium coronand salts 
from propylene carbonate to acetonitrile at 298.15 K. Data expressed in 
kJmolk
Compound /-AgH®(AN)-\ /-AgH®(PC)-x AtH®(PC->AN)
(obsd)
12 crown 4 -3.64 ±0.07 -3.06 +0.06 -0.58
BA 12 crown 4 1.73 ±0.06 -3.32 +0.24 5.05
Li+AsFg- -18.45 ±1.60 -15.14+0.44b -3.31
Li+BF -^ -12.73 ±0.70 -14.74 +2.02 2 .0 1
Li+CFgSOg- -15.59 ±0.90b -12.50+0.1.56b -1.93
Li+ClO -^ -40.61+0. ID -41.11+0.2U 0.50
[LM2C4]AsFg- 7.17+0.39 14.91+0.13^ -7.74
[Li+12C4]BF4 6.04+1.40 9.64 +0.39 -3.60
[Li+12C4]CF3S03- 15.69 +0.94 20.74+1.43 -5.05
[Li+12C4]C104- 1.27 +0.11 5.23 +0.32 -3.96
[Li+BA12C4]AsFg- 8.75 +0.14 12.20 +0.56 -3.45
[LPBA12C4]BF4- 9.42 +0.72 13.65 +0.36 -4.23
[Li+BA12C4]CF3S03- 18.96 +0.55 22.50 +0.50 -3.54
[Li+BA12C4]C104- 9.25 +0.39 9.62 +0.75 -0.37
^Value at c=0 from a plot of A^ H against c^. ^Ref. 145 and ®Ref. 146.
Using the transfer enthalpy value for the electrolytes reported in table 3.49 and the 
A^ H® value for the lithium cation from propylene carbonate to acetonitrile at
298.15 K [AtH®(PC->AN) = -2.42 kJ-mol*^ ]^ ^^  based on the Ph^AsPh^B convention at
298.15 K, single-ion values for various cations and anions were calculated and these 
are reported in table 3.50.
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Table 3.50 Single-ion enthalpy values from propylene carbonate to acetonitrile at 
298.15 K. Data based on the Ph^AsPh^B convention.
Single-ion A ^°  
kJmol 1
[Li+12C4] -6.82
[LPBA12C4] -4.63
AsFg- -0.21
BF4- 2 .6 8
CF3SO3- 1.12
CIO4- 3.35
The results show that the new coronand cations are enthalpically more stable in 
acetonitrile than in propylene carbonate. Strictly speaking, the differences in solvation 
of the lithium cation [A^H°(PC^AN) = -2.42 kJ-mol-i]!'^  ^ relative to the lithium 
coronand cations in these two solvents are not very significant.
For the new lithium coronand cations; it is interesting to compare the values derived 
from direct measurements o f enthalpies o f solution o f lithium coronand salts in these 
solvents (table 3.50) from those calculated via the following thermodynamic cycle 
(eqns. 3.12 and 3.13).
AtH°[Li+12C4](PC->AN) = -A^°(PC) + A^°(AN) + A^°[12C4](PC^AN)
+ AtH°[LP](PC^AN) eqn. 3.12
and
AtH°[LPBA12C4](PC-^AN) = -A^°(PC) + A^°(AN) + AtH°[BA12C4](PC->AN)
+ AtH°[Li+](PC-^AN) eqn. 3.13
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In doing so, an average of the enthalpies o f complexation o f lithium and each ligand is 
taken (from the four data given for each ligand in table 3.19).
Comparison between A^ H® values o f lithium coronand cations calculated via the cycle 
(eqns. 3.12 and 3.13) in table 3.51 with those directly determined from enthalpies of 
solution (table 3.50) show reasonable agreement. However, it must be emphasised that 
the former data will be subjected to large errors due to the steps involved in their 
calculations as reflected in eqns 3.12 and 3.13.
Table 3.51 Single-ion A^ H® values for the transfer o f lithium coronand cations 
calculated via the cycle and from solution enthalpies. Data based on the
Ph^AsPh^B convention.
/ AjH® (kJ-mol-i) \
Single-ion From solution data Via cycle (eqns. 3.12 & 3.13)
[LP12C4] -6.82 -7.98
[LPBA12C4] -4.63 -0.63
3.5.6. Enthalpies of coordination
Although a good agreement was shown between the transfer enthalpies o f lithium 
coronand ions from propylene carbonate to acetonitrile calculated via the 
thermodynamic cycle and those derived from direct measurements o f the enthalpies o f  
solution o f lithium coronand salts in these solvents, there is now enough information as 
to calculate the enthalpies of coordination, Ag^ q^ jH®, associated with the process 
referred to products and reactants in their pure physical state. Therefore, these data are 
obtained by the use o f the following thermodynamic cycle.
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LiX(sol.) + CE(sol. or I ) > LiCEX(soL)
T  ' r 1
AgH° eqn 3.14
Li+(s) + X (s) + CE(s) _É£ÏÏ-^ Li+CE(s) + X  (s)
In eqn. 3.14; CE; LiX and LiCEX denote; crown ethers, lithium and lithium coronand 
salts, respectively in the solid (sol.) or liquid (1) state or in solution (s).
The standard enthalpy of coordination (Agg^ j^H®) referred to reactants and products in 
their pure physical state can be calculated from :
Aggg,dH° = A^®(CE) + A^®(LiX) + AgH® - A^®[(Li+CE)X] eqn. 3.15
Some o f the advantages in deriving data for the coordination process are outlined as
follows :
i) It provides information regarding interactions between reactants and products in 
the pure physical state.
ii) Provided that no side reactions occur, for a given electrolyte and a given ligand, 
the AgggrjH® should be independent o f the solvent from which this is derived. 
Therefore, it provides an excellent mean to check the accuracy o f the solution 
data.
iii) These data can be combined with solution thermochemical data for the host, the 
guest and the resulting complex in low permittivity media to derive the enthalpy 
of complexation of a metal-ion and a given ligand in these media.
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Standard enthalpies o f solution o f the crown, lithium and lithium coronand salts (see 
table 3.49) and corresponding data for complexation (see table 3.19) in each solvent 
are inserted into eqn. 3.15 to calculate the enthalpies o f coordination for the following 
process.
LiAsFg(sol) + 12C4(1) -> [Lil2C4]AsFg(sol) eqn. 3.16
LiBF/sol) + 12C4(1) -> [Lil2 C4 ]BF4(sol) eqn. 3.17
LiCF3S0 3 (sol) + 12C4(1) ^  [Lil2 C4 ]CF3S0 3 (sol) eqn. 3.18
LiC104(sol) + 12C4(1) ^  [Lil2 C4 ]C104(sol) eqn. 3.19
LiAsFg(sol) + BA12C4(1) [LiBA12C4]AsFg(sol) eqn. 3.20
LiBF4(sol) + BA12C4(1) ^  [LiBA12C4 ]BF4(sol) eqn. 3.21
LiCF3S0 3 (sol) + BA12C4(1) ^  [LiBA12C4 ]CF3S0 3 (sol) eqn. 3.22
LiC104(sol) + BA12C4(1) -> [LiBA12C4 ]C104(sol) eqn. 3.23
In table 3.52, the enthalpies o f coordination, o f several lithium-coronand salts
from data in acetonitrile and in propylene carbonate are reported. As stated above; for 
a given electrolyte and solvent, the Aggg^ jH® should be independent o f the solvent from 
which it is derived. This is corroborated by the data shown in table 3.52, where (expect 
for [Li+BA12C4 )BF4') excellent agreement is found between the Aggg^ jH® derived from 
two different solvents.
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Table 3.52 Enthalpies o f coordination of lithium salts and crown ethers at 298.15 K 
in kJ-mol*^
[Li+L]X- 4oordH° (kJ-moH)
[Li+12C4]AsF6-
[LP12C4]BF4-
[L i+12C 4]C F3S03-
[LM2C4]C104
[Li+BA12C4]AsFg-
[L i+ B A 12C 4 ] B F 4-
[Li+BA12C4]CF3S03-
[Li+BA12C4]C104-
-52.04^ (eqn. 3.16) 
-50.81^ (eqn. 3.16) 
-44.07^ (eqn. 3.17) 
-45.15’’ (eqn. 3.17) 
-56.27^(eqn. 3.18) 
-53.35’’ (eqn. 3.18) 
-67.39* (eqn. 3.19) 
-64.69’’ (eqn. 3.19) 
-52.61* (eqn. 3.20) 
-55.25’’ (eqn. 3.20) 
-47.96* (eqn. 3.21) 
-56.69’’ (eqn. 3.21) 
-60.26* (eqn. 3.22) 
-56.38’’ (eqn. 3.22) 
-76.63* (eqn. 3.23) 
-77.35’’ (eqn. 3.23)
av value = -51.43
av value = -44.61
av value = -54.81
av value = -66.04
av value = -53.93
av value = -58.32
av value = -76.99
*Derived from A^ H® (tables 3.24 & 3.29) and AgH® (table 3.19) values in acetonitrile. 
’’Derived from A^ H® (tables 3.24 & 3.29) and AgH® (table 3.19) values in propylene 
carbonate.
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Enthalpies o f coordination for processes involving 12 crown 4 do not differ 
significantly from those involving 1-benzyl-1-aza-12 crown 4. However, the results 
shown in table 3.52 strongly indicate the anion effect on the coordination process. 
Thus, coordination data follows the sequence
CIO/ > CF.SO/ > A sF/ > B F /
Among the anions '^’^ ; oxyanions mainly perchlorates are known to have some 
coordinating ability and therefore, this will contribute to the stability o f the process as 
reflected in the enthalpies of coordination. However, fluoride adducts o f strong Lewis 
fluoroacids such as BF  ^ and AsFg- are characterised by their low basicity and non­
coordinating abilities and therefore, their contribution to increase the stability o f the 
process is likely to be relatively small. This statement is corroborated by the 
information given table 3.52 where coordination data involving fluoroanions are 
enthalpically less stable than corresponding data involving the perchlorate anion.
3.6. STRUCTURAL STUDIES OF LITHIUM-GROWN ETHERS
3.6.1. NMR studies : lithium-crown ether interactions
Thermodynamic studies on the interaction between lithium salts and coronands (12 
crown 4 and 1-benzyl-1-aza-12 crown 4) in acetonitrile and in propylene carbonate 
reflect that these are referred exclusively to the complexation process. Within the 
experimental error, thermodynamic data in solution are independent o f the anion. ^H 
NMR studies on lithium and these crowns in CDgCN at 298.15 K have not been 
reported in the literature. Figs 3.11 and 3.12 show the ^H NMR spectra o f 12C4 and 
BA12C4 and their lithium complexes in CD3CN at 298.15 K; respectively. The 
changes in the proton chemical shifts in BA12C4 and 12C4 upon complex formation 
with the lithium cation in CD3CN at 298.15 K are shown in tables 3.53 and 3.54; 
respectively.
As a result o f the complexation of BA12C4 with the lithium cation in acetonitrile, the 
iH NMR spectrum shows deshielding effects for this crown. Since all o f these protons 
are deshielded, the results suggest that the oxygen and nitrogen atoms are active sites
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for complexation with lithium. However, no change in the chemical shift is observed 
for H-1 which may be due to the field effect of the cation overcoming the deshielding 
effect resulting from the interaction of the nitrogen lone pair with the cation. This 
statement is corroborated by the shielding effect o f the protons o f the aromatic ring. A 
direct implication o f this statement is that the side arm participates in the complexation 
process. These findings explain the higher stability found for the lithium complex with 
BA12C4 relative to 12C4.
For the complexation of Li+ with 12C4, only one signal is observed in the ^H NMR 
spectra (Fig. 3.11), suggesting that Li+ is located at the centre o f the crown to give a 
symmetrical complex structure. The expected downfield chemical shifts for these 
lithium-crown complexes are observed.
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Figure 3.11 NMR spectra o f 12C4 complexes o f (a) LiAsFg, (b) LiBF^, (c) 
LiCFgSOg, (d) LiClO  ^with respect to the NMR spectrum o f the free 
ligand (e).
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Figure 3.12 ^H NMR spectra of BA12G4 complexes o f (a) LiAsFg, (b) LiBF^, (c) 
LiCFgSOg, (d) LiClO  ^ the ^H NMR spectrum o f the free ligand in 
CD3CNat298K(e).
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Table 3.53 A5 values for the proton o f 1-benzyl-1-aza 12 crown 4 in the presence 
of lithium salts in acetonitrile at 298.15 K.
AÔ (ppm)
Salts Ar-Ring H-1 H-2 H-3&H-4 H-5
Li+AsFg-* 7.31-7.39(m ) 0 .0 0 (b.s.) +0.17 +0.13 +0 .2 2
LLBF4 * 7.31 -7.39(m) 0 .0 0 (b.s.) +0.16 +0 .1 1 +0.23
Li+C1 0 4 * 7.32 - 7.38(m) 0 .0 0 (t) +0 .1 2 +0.13 +0.24
Li+CF3S0 3 * 7.33 - 7.29(m) +0 .0 1 (t) +0.15 +0.14 +0.23
*The chemical shifts in ppm for the protons in BA12C4 in CDgCN are : = 2.66;
Ôh_2= 3.55; ôjj.3&H^= 3.60; Ôh_5 = 3.60 and ÔAr.nng= 7.22 - 7.40. Remark : + downfield.
Table 3.54 Aô values for the proton o f 12C4 in the presence o f lithium salts in 
acetonitrile at 298.15 K.
Salts AÔ (ppm)
L i+ A sF g - +0.16
Li+BF -^ +0.15
L F C F 3 S O 3 *  +0.15
Li+ClO -^ +0.18
The chemical shift for the protons in 12C4 is 3.59 ppm. Remark : + downfield.
149
Chapter 3 Results and Discussion
3.6.2. NMR studies : lithium-crown ether interactions
The resonance values corresponding to the free ligands (12C4 and BA12C4) and 
in the presence o f LiAsFg, LiBF ,^ LiCF^SOg and LiClO  ^ in CD3CN at 298.15 K are 
shown in tables 3.55 and 3.56.
The proton decoupled spectrum of 12C4 in acetonitrile shows only one signal at 
71.01 ppm. Complexation of 12C4 with different Li salts shows upfield shifts ranging 
between -2.39 to -3.44 ppm. This could be taken as an indication that the Li+ cation 
sits in the centre o f the crown ether. As the anion component o f the salt is changed, the 
upfield increments change. A deshielding effect is expected for the adjacent C when the 
oxygen o f the crown ether is interacting with the lithium cation. However, an upfield 
shift is observed as a result of the field effect o f the cation (Li+) overcoming the 
deshielding effect.
For the complexation reaction of Li+ with BA12C4, the spectrum o f BA12C4
shows the exact number of C signals expected. These are five -CHj in the aliphatic part 
of the compound (C-1 = 55.63,; C-2 = 70.69.; C-3 = 71.02,; C-4 = 71.77 and C-5 = 
61.46 ppm). These shifts were assigned on the basis o f the NMR spectrum o f 12
crown 4 and nitrogen insertion increment^ ^®. The aromatic part was assigned by 
analogy using the reported values of benzylamine^^  ^ All the crown ether sp^  carbons 
C-1, C-2, C-3 and C-4 and the N-benzyl-CHg (C-5) show upfield shifts which 
resembles the same effect as in 12C4 with the exception that the upfield shift o f C-1 is 
larger than that for C-2 and C-2 > C-3. These findings suggest that Li+ is closer to the 
N  atom relative to the O atom. However, C-5 and C-6  also show upfield shifts as a 
result o f the field effect of the cation (through space field effect). This is not observed 
for C-1 and C-9 (ortho and para) which show downfield shifts attributed to the 
interaction o f the cation with the lone pair o f the nitrogen atom. These findings 
corroborate the thermodynamic data which show that the complexation o f Li+ with 
BA12C4 in both solvents is stronger than that for the same cation and 12 crown 4 in 
these solvents. This is attributed to the participation o f the side arm in the 
complexation process as reflected in the ^^ C NMR data.
150
Chapter 3 Results and Discussion
Table 3.55 Aô values for the carbon of 12C4 in the presence o f lithium salts in 
acetonitrile at 298.15 K*.
Salts Aôg(ppm)
Li+AsFg- -2.45
Li+BF  ^ -2.90
Li+CFgSOg- -3.44
Li+ClO -^ -2.39
*The proton decoupled o f 12C4 in CDgCN at 298.15 K shows one chemical shift 
at 71.01 ppm.
Table 3.56 Aô values for the carbon o f BA12C4 in the presence o f lithium salts in 
acetonitrile at 298.15 K*.
Salts AÔ (ppm)
Li+AsFg- L1+BF4- LFCF3SO3- Li+C104-
C-1 -4.39 -4.54 -4.45 -4.62
c-2 -3.88 -4.01 -3.96 -4.07
C-3 -3.55 -3.71 -3.67 -3.75
C-4 -3.48 -3.56 -3.51 -3.61
C-5 -2.87 -3.04 -3.03 -3.20
C-6 -5.36 -5.54 -5.40 -5.59
C-7 +1.18 +1.93 + 1 .86 +1.89
C-8 +0.26 +0.31 +0.28 +0.25
C-9 +1.47 +1.82 +1.73 +1.74
*The chemical shifts (Ô) o f proton decoupled o f BA12C4 in CD3CN at 298.15 K 
are shown as follows : 0^.1=55.63; 0^.2=70.69; 0^.3=71.02; 0^.4=71.77; 0^.5=61.46; 
0^.6=141.13; 0^.7=129.83; ôc.g=129.02 & 0^.9=127.02 ppm. Remark : - upfield : + 
downfield.
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3.7. CONDUCTANCE STUDIES OF LITHIUM CORONAND 
ELECTROLYTES IN PROPYLENE CARBONATE AT 298.15 K
Based on the conclusion derived from the thermochemical characterisation o f lithium 
and lithium coronand electrolytes in that the latter are less solvated than the former and 
consequently, the addition of crown ethers to lithium salts may have an important 
implication on the conductivity o f these electrolytes in these solvents, conductance 
measurements were carried out in order to corroborate this conclusion. Thus, a 
representative example is shown in Fig. 3.13 for the conductimetric titration o f 12C4 
and lithium perchlorate in propylene carbonate at 298.15 K. This figure clearly shows 
that as the equilibrium position is shifted by the addition o f the macrocycle as to favour 
the formation o f the less solvated electrolyte (lithium coronand), a considerable 
increase in the conductance is observed as predicted from thermochemical studies. The 
conductimetric titration curve also shows that a 1 : 1 stoichiometry complex is formed 
in solution.
26.5 T
25.5 -
25 -■
24.5
0 0.5 1 1.5 2.52
[12C4] /  [Electrolyte]
Figure 3.13 Conductimetric titration o f 12 crown 4 and lithium hexafluoroarsenate 
in propylene carbonate at 298.15 K.
In the following section, the treatment o f conductance data to calculate the molar 
conductance at infinite dilution, A"^ , the ion-pair formation constants o f the single and 
complexed electrolytes and the stability constant o f the lithium and crown ethers in 
propylene carbonate at 298.15 K is discussed.
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3.7.1. Treatment of Conductance Data
Conductance measurements are used to calculate data for the following processes;
i) is the ion-pair formation constant between Li+ and the anion in the solvent.
Li^(s) + X'(s) Li^X'(s) eqn. 3.24
ii) Kg is the stability constant of Li+ and crown ether in the solvent.
Li+(s) + CE(s) — ^  [Li*CE](s) eqn. 3.25
iii) K 2^ is the ion-pair formation constant between the lithium coronand cation and the 
anion.
[Li*CE](s) + X-(s) — ^  [Li+CE]X (s) eqn. 3.26
where M+, M+L, X , L and s denote the lithium ion, the complexed lithium ion, the 
anion, the crown ether and the solvent, respectively.
The activity coefficients for all neutral species in the solution are assumed to equal 
unity. The mean molar activity coefficients (y±) for the charged species can be
calculated from the Debye-Hückel equation (eqn. 3.27).
In y* = -  eqn. 3.27
1 4-aBVI
The Bjerrum distance (q) was used as the ion size parameter (â) in the Debye-Hückel 
equation. A & B are the Debye-Hückel constants^^ .^ I, is the ionic strength which is 
defined on the molar scale for the charge species.
In the absence/presence o f the macrocycle ligand, the concentrations o f all species in 
solution were calculated from mass balance and electrical neutrality requirements. The
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basic equation used to compute the cation concentration [M+] is the 5th following 
order polynomiaF^^.
t  ag [M"]j = 0
j=o eqn. 3.28
where ay is the constant containing the total concentrations o f Cj^ and The 
equilibrium constants K^ , Kg, and K j^ &re also solved by the Newton-Raphson iteration 
method.
For the simple MX-solvent system, the Fuoss-Hsia conductivity equation 2^2 with the 
Femandez-Prini^ '^  ^expansion was used to calculate the conductance, Aj. The equation 
is shown as follows.
A; = « 1  {A°, - S ,v r  + £ ,ln /  + /u(âi)/ - eqn.  3.29
where the Bjerrum distance (q) was used as the ion size parameter (&i) in the Debye- 
Hückel equation. /  is the ionic strength. is the Onsager coefficient^ "*^  o f the limiting 
law and is a constant defined by the same variable as Sj, J i^ is a function o f the ion 
size. After the macrocycle was added to the metal solution, the total conductance was 
the sum o f the contribution from the simple MX and the complexed salt ML*X. The 
MX conductance was calculated from eqn. 3.29. Therefore, the condcutivity o f ML-X, 
(Aj) is obtained from the following equation.
Ag =a^{K^ -SgVT FEgln/ eqn. 3.30
Thus, the total molar conductivity, (A) is expressed as :
A =cr*Aj + (! -« * )  A  ^ eqn. 3.31
a*, aj, and Oj are the fraction of free cation, the degree o f dissociation o f M+X" and 
the degree o f dissociation ofML+X-. They are expressed as follows.
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. [M"] [M^] \MÜ]
“  [X ] [M*] + [MX] [ML*] + [MLX] '
For the MX + L solvent systems, the parameters o f A j, Kg, K^  can be calculated from 
eqn. 3.32 and a^  is then solved by eqn. 3.30.
In eqns. 3.29 and 3.30, all the parameters are calculated by the 'grid search' method*^ .^ 
These variable parameters were calculated by a minimisation process which was 
defined as :
u  = S (A o ..d -A c c d )'
eqn. 3.33
where U  is the variance in the minimisation process.
Pit-mapping method o f Sillén*^  ^was used to calculate the standard deviation o f these 
parameters. In this method, the standard deviation of each variable is obtained from the 
contour o f the pit o f a plot o f U against a given variable while keeping all other 
parameters constant at their minimised values. The contour of the standard deviation 
was derived from
U = U o ( l  + ■ \  ) eqn. 3.34
( n - N)
where n is number of data points and N  is the number o f variables being adjusted.
Other standard deviations are computed in this manner. The computer programs used 
to calculate the molar conductance and dissociation constant o f the lithium salts and 
lithium coronand electrolytes are shown in annexes 3 and 4; respectively.
155
Chapter 3 Results and Discussion
3.7.2. Conductance measurements of lithium and lithium -coronands in 
propylene carbonate at 298.15 K
Molar conductance data for LiAsFg, LiBF ,^ LiCF^SO  ^ and LiClO  ^as a fonction o f the 
concentration (mol-dm* )^ are listed in tables 3.57, 3.58, 3.59 and 3.60; respectively. It 
is observed that as the electrolyte concentration increases, the molar conductance 
decreases. This behaviour is expected given that at the higher concentrations, greater is 
the interaction between ions in solution. In some cases, ion-pair formation is likely to 
occur. Using the Fouss-Hsia equation with the expansion o f Fernandez Prini*^ "*, the 
molar conductance, A°, the ion-pair formation constant; and the ion-size parameter 
for these electrolytes in propylene carbonate at 298.15 K were calculated. These data 
are reported in table 3.61. values are referred to the process represented by eqn. 
3.24. Literature data are also included in this table. Good agreement between the two 
sets o f data is obtained. Results show that the molar conductances o f common lithium 
salts in this solvent decreases in the order LiBF  ^> LiC104 > LiCFgSO^ > LiAsFg. The 
small values obtained for these electrolytes reflect that these are folly dissociated in 
this solvent.
Table 3.57 Conductance measurements of lithium hexafluoroarsenate in propylene 
carbonate at 298.15 K.
C X 1Q3 
(mol dm"3)
A
(Q'^cm^mopl)
c x  10  ^
(mol-dm"^)
A c x  10% 
(moldm"3)
A
2.59 20.89 12.65 2 0 .1 2 18.47 19.91
4.84 20.41 14.49 20.13 19.83 19.83
1.36 20.38 15.94 19.96 20.92 19.75
9.28 20.18 17.12 19.99 2 1 .6 8 19.74
10.57 20.36
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Table 3.58 Conductance measurements of lithium tetrafluoroborate in propylene 
carbonate at 298.15 K.
CX 1Q3 
(mol dm"3)
A
(Q' c^m^mor )^
C X 103 
(mol-dm" )^
A
(D'^ cm^ mol"^ )
C X 103 
(mol'dm-3)
A
(Q" c^m^mor )^
2.66 25.32 10.90 23.77 18.79 22.75
5.06 24.72 13.09 23.46 20.05 22.58
7.13 24.36 15.22 23.19 20.85 22.49
8.81 24.08 17.23 22.92 22.05 22.34
Table 3.59 Conductance measurements o f lithium 
propylene carbonate at 298.15 K.
trifluoromethanesulfanote in
c x  10% 
(mol dm"3)
A
(Q' c^m^ mol"^ )
c x  103 
(mol-dm“^ )
A
(Q' c^m^ mol"^ )
c x  103 
(moldm"3)
A
(D'^ cm^mol" )^
2.44 22.33 13.56 19.78 21.06 18.66
4.86 21.61 15.61 19.45 22.70 18.44
7.15 21.00 17.40 19.18 24.13 18.20
9.24 20.59 19.33 18.90 25.24 18.10
11.41 20.15
Table 3.60 Conductance measurements o f lithium 
carbonate at 298.15 K.
perchlorate in propylene
c x  103 
(mol dm"3)
A
(Q'^ cm^ mol"^ )
c x  103 
(mol dm"3)
A
(D'icm^mol"!)
C X 103 
(mol dm"3)
A
(Q’ c^m^ mol"^ )
0.77 27.14 4.23 24.92 6.52 24.48
1.58 26.01 4.98 24.75 7.19 24.37
2.37 25.48 5.58 24.62 7.90 24.28
3.37 25.15
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Table 3.61 Molar conductances and ion-pair formation constants o f lithium 
electrolytes in propylene carbonate at 298.15 K.
Electrolytes A°
(S'Cm  ^ mol'i)
K. ad
(A)
5ao
(S*cm2 -mol'i)
Prnnvlenft P.arhnnflte/ .........^
Li+AsFg- 22.18 2.40e-2
22.53a 4.32 1.90e-l
Li+BF -^ 28.87 0.17 7.31 l.lOe-3
28.57b 0.27 1.06 9.00e-3
Li+CF^SOg- 24.01 4.99 7.50 1.78e-3
24.27° 1.91 1 .20 2 .0 0 e-2
LLCIO4- 26.75 1.30 0.55 4.00e-3
26.93° 8.30 4.20e-3
^Ref. 153 ’^Ref. 145, ®Ref. 157 and ffixed at Bjerrum distance of 0.43 nm for propylene 
carbonate at 298.15 K.
Tables 3.62 - 3.65 list molar conductance data obtained by the addition o f crown 
ethers (12 crown 4 and l-benzyl-l-aza-12 crown 4) to lithium electrolytes in propylene 
carbonate at 298.15 K. In table 3.66, limiting conductances (A°) and ion-pair 
formation constants are reported. As for common electrolytes, the ion-pair formation 
constants are very small and therefore, it can be concluded that these new electrolytes 
are fully dissociated in this solvent. As far as the stability constant data for lithium and 
12 crown 4 in propylene carbonate are concerned, reasonable agreement is found 
between log Kg values obtained by this method with those derived from calorimetry 
(table 3.19); particularly for the complexation o f 12 crown 4 and Li+ (as perchlorate). 
The same comments applied to the data for l-benzyl-l-aza-12 crown 4 and Li+ in 
propylene carbonate. Indeed, the conductimetric log Kg value (4.33) is in excellent 
agreement with the value obtained calorimetrically (4.39).
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Table 3.62 Conductance measurements of 12 crown 4 with lithium 
trifluoromethanesulfonate in propylene carbonate at 298.15 K.
LiCFgSOg
C X 103
(mol dm"3)
12C4 
C X 103 
(mol dm"3)
A
(Q"^ cm^ mol“^ )
LiCFgSOj 
C X 103 
(mol-dm"^ )
12C4 
c x  103 
(mol dm"3)
A
(D'icm^morl)
7.24 0.87 23.78 6.47 7.34 23.96
7.13 1.82 23.81 6.37 8.03 23.99
7.02 2.70 23.81 6.30 8.78 24.03
6.92 3.59 23.82 6.19 9.64 24.04
6.81 4.33 23.84 6.11 10.31 24.06
6.73 5.22 23.88 6.03 11.05 24.08
6.64 5.90 23.88 5.96 11.54 24.09
6.54 6.74 23.90 5.90 12.00 24.10
Fable 3.63 Conductance measurements o f 12 crown 4 with lithium perchlorate ii
propylene carbonate at 298.15 K.
LiClO^ 12C4 A LiClO^ 12C4 A
C X 103 C X 103 (Q’ c^m^ mol"^ ) C X 103 c x  103 (Q"^ cm^ mol"^ )
(mol-dm"^ ) (mol dm"3) (mol-dm"^ ) (mol dm"3)
7.77 1.07 24.53 6.95 8.34 25.86
7.68 1.88 24.73 6.86 9.15 25.95
7.58 2.79 24.93 6.79 9.77 26.00
7.50 3.51 25.08 6.69 10.62 26.07
7.40 4.36 25.26 6.62 11.26 26.11
7.33 4.99 25.37 6.53 12.08 26.17
7.24 5.76 25.51 6.45 12.76 26.22
7.14 6.63 25.65 6.40 13.28 26.25
7.05 7.44 25.76
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Table 3.64 Conductance measurements of l-benzyl-aza-1 2  crown 4 with lithium 
hexafluoroarsenate in propylene carbonate at 298.15 K.
LiAsFg 
c x  1Q3 
(mol-dm"^)
BA12C4 
C X 103 
(mol-dm"^)
A
(Q'^ cm^ mol"^ )
LiAsFg 
c x  103 
(mol dm"3)
BA12C4 A 
c x l0 3  (Q’ c^m^ mol"^ ) 
(mol-dm"^)
8.13 0.98 25.87 7.30 7.22 26.52
7.99 2 .0 1 26.02 7.23 7.70 26.56
7.89 2.78 26.20 7.14 8.40 26.60
7.79 3.56 26.27 7.03 9.23 26.67
7.71 4.17 26.31 6.94 9.90 26.70
7.59 5.02 26.39 6.85 10.59 26.72
7.49 5.76 26.46 6.76 11.25 26.76
7.40 6.48 26.51 6.71 11.65 26.78
Table 3.65 Conductance measurements o f l-benzyl-aza-1 2  crown 4 with lithium 
tetrafluoroborate propylene carbonate at 298.15 K.
LiBF^ BA12C4 A LiBF^ BA12C4 A
c x  103 
(mol dm"3)
c x  103 
(mol dm"3)
(Q'lcm^mor^) C X 103 
(mol-dm"^)
C xl03 (Q“lcm^mol" )^ 
(mol dm"3)
6 .2 2 0.75 29.42 5.61 6.71 30.05
6.13 1.61 29.52 5.53 7.53 30.11
6.07 2.26 29.60 5.45 8.70 30.15
6 .0 0 2 .8 8 29.67 5.38 9.05 30.20
5.93 3.66 29.75 5.30 9.90 30.23
5.84 4.46 29.81 5.22 10.71 30.28
5.76 5.26 29.92 5.17 1 1 .2 2 30.30
5.68 6 .1 0 30.00 5.12 11.78 30.33
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Table 3.66 Molar conductances and ion-pair formation constants o f lithium 
coronand electrolytes in propylene carbonate at 298.15 K. Stability 
constants o f lithium and crown ethers in propylene carbonate at the 
standard temperature.
New Electrolytes A°<^ux
(S'cm2 mol *)
Ka2 &2
(A)
Ôao
(S-cm2 -mol'*)
log Kg
[Li+12C4]AsFg- 26.59 8.37e-3 2.52 ±0.02
[Li+12C4]BF4- 32.40 0 .1 0 4.33 9.75e-l 2.44 ±0.03
[Li+12C4]CF3S03- 25.90 8.40 4.22e-3
[LM2C4]C104- 28.91 0.44 7.60e-2 2.90 ±0.04
[Li+BA12C4]AsFg- 29.94 9.69 8.13e-3
[LLBA12C4]BF4- 32.94 14.25 5.96e-4 4.33 ±0.02
[LFBA12C4]CF3S03- 27.12 1.88 5.00e-2
[Li+BA12C4]C104* 31.77^
Estimated value. Calculated from X \ [LLBA12C4] and [CIO4-] in propylene
carbonate given in table 3.67.
Comparison o f A° values for common lithium salts (table 3.61) with data for the 
lithium coronand salts (table 3.66) shows an increase in conductance for the latter with 
respect to the former. This is best illustrated by comparing the ionic conductances, X + 
o f the free and complexed lithium cations. These are shown in table 3.67.
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Table 3.67 Single-ion molar conductances in propylene carbonate at 298.15 K.
Cation
(S'Cm^mol*)
Average Anion x :
(S cm  ^mol *)
Li+ 7.86^ AsFg- 14.49
[LM2C4] 1 2 .10b 10.89 ±1.18 BF4- 20.71
11.69° CF3SO3- 16.15
9.75d CIO4- 18.89
1 0 .0 2 °
[LFBA12C4] 15.62f 12.88 ±2.31
12.23:
10.97b
^Refs. 157, bCalculated from A°[Li+12C4]AsFg- (table 3.66), «Calculated from A° 
[Li+12C4 ]BF4- (table 3.66), ^Calculated from A°[Li+12C4]CFgSO3- (table 3.66), 
«Calculated from A°[Li+12C4 ]C104- (table 3.66), ^Calculated from A°[Li+BA2C4]AsFg- 
(table 3.66), Calculated from A°[Li+BA2 C4 ]BF4- (table 3.66), Calculated from A° 
[Li+BA12C4 ]CF3S0 3 - (table 3.66).
Single-ion molar conductances in propylene carbonate shown in table 3.67 reflect that 
these decrease in the order [Li+BA12C4] > [Li+12C4] > Li+ which corroborate the 
conclusions derived from thermodynamics in that the lithium cation is more solvated 
than the lithium coronand cations. Undoubtedly, these studies demonstrated that these 
new electrolytes show promise in lithium battery technology. As far as the anions are 
concerned, the high ionic conductivities found corroborate statements regarding the 
poor solvating abilities o f propylene carbonate for the anions*"*^ .
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The thermodynamics o f complexation of crown ethers with lithium in acetonitrile and
in propylene carbonate at 298.15 K show that
i) The selectivity o f l-benzyl-l-aza-12 crown 4 for lithium is greater than that o f 12 
crown 4 and this cation. This is reflected in the stability constant data for these 
systems reported in table 3.19. As conflrmed by *H and * 0^ NMR investigations 
on l-benzyl-l-aza-12 crown 4 and the lithium cation; both the donor atoms 
(oxygens and nitrogen) o f the ligand (hole) as well as the side arm o f the 
macrocycle, contribute to the stability of the complex. Therefore, the lithium 
complex o f the lariat ether is more stable than the corresponding lithium- 12  
crown 4 complex in these solvents. For both ligands in these solvents, the 
complexation process is enthalpically controlled.
ii) For interactions involving l-benzyl-l-aza-12 crown 4 and lithium, the medium 
effect in going from acetonitrile to propylene carbonate does not lead to dramatic 
changes in the thermodynamics of complexation. Solvent effects are best reflected 
in the Li+-12 crown 4 system. Thus, the stability in acetonitrile is higher than in 
propylene carbonate. In fact, the data reflect the importance o f cation solvation in 
processes involving 12 crown 4.
iii) Although the source for lithium was provided by electrolytes containing different 
anions, the thermodynamics o f complexation o f these crowns and lithium in these 
solvents is independent of the nature o f the anion. This is also demonstrated by 
*H and * 0^ NMR studies on these systems.
iv) Interpretation o f thermochemical data for lithium and the new lithium coronand 
electrolytes in these solvents revealed a key feature in these studies regarding 
solvation. Thus, the new coronand electrolytes are less solvated in acetonitrile 
and in propylene carbonate than the electrolytes currently used in battery 
technology. As a result, a considerable increase in the conductance o f electrolytes 
is observed by the addition of these crown ethers to common lithium salts. This 
finding is quantitatively demonstrated by the limiting molar conductances o f the 
new coronand electrolytes relative to corresponding data for the lithium salts.
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v) Essentially, these findings reveal the importance o f fundamental thermodynamics 
in the selection of electrolytes with possible uses in battery technology.
vi) Finally, this thesis demonstrates that the enthalpy o f coordination is a good 
reporter o f events taking place when reactants and products are in their pure 
physical state. This statement is corroborated by the considerable differences 
observed in the coordination process by altering the nature o f the anion 
constituent o f the lithium salt.
164
SUGGESTIONS FOR FURTHER WORK
As far as cyclodextrin-drug interactions are concerned, suggestions for further work in
this area include,
i) Thermodynamic studies involving modified cyclodextrins and these drugs in order 
to assess selectivity.
ii) Evaluation o f the effect o f cyclodextrins on the transfer o f drugs from water to 
membrane-like solvents from solubility data and derived Gibbs energies o f transfer 
of drugs from water to these solvents.
iii) Kinetic investigations of the binding process between cyclodextrins and drugs.
As far as lithium coronand electrolytes are concerned, further work in this area should
involve,
i) Heat capacity measurements in order to gain information regarding temperature 
effects upon complexation of lithium ions and these crowns.
ii) Coordination enthalpies (referred to reactants and products in their pure physical 
states) should be used in conjunction with solution enthalpies for the host, the 
guest and host-guest complex in low dielectric medium in order to gain 
information regarding the binding o f crown ethers and lithium in low permittivity 
medium.
iii) Calorimetric investigations on the interaction o f these electrolytes with anode and 
cathode materials in order to assess the shelf life o f a lithium cell.
iv) The use o f these electrolytes in the battery in order to assess whether or not 
lithium coronand salts improve the efficiency o f the battery.
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ANNEX 1
A basic language program available at the Thermochemistry Laboratory was used to 
calculate the enthalpy o f the complexation (ApH°) and the stability constant (log K^ ) 
simultaneously in solution by the use o f a non-linear regression method.
REM ***** NL-RG***** 
els
color 14,12:cls
print *' ************************"
print " ****** KHNLR3 
CALORIMETRIC DET OF K AND H 
* * * * * * * * * * * "
PRINT " ****** DAPT
PRINT **********************"
Iprint
LPRINT " PROGRAM KHNLR3.BAS 
(APT 1992) A + B = AB K(I)=K K(2)= 
H
REM ****************************** 
REM A + 2B = AB2 
REM *INONESTEPk(l)=k k(2) = H 
* * * * * * * * * * * * * * * * * * * * * * * * * * * *
KEY OFF
rem SCREEN 0,0 ,0
input " margot=l rob=2 alfredo=3 lupe=4 
Mariel=5 anyother=6 ";uir
if uir=2 then nom$="\robV
if uir=3 then nom$=''\alfredo\"
if uir=4 then nom$=''\lupe\"
if uir=5 then nom$="\mariel\"
if uir=6 then nom$="\otro\"
INPUT "name...................N$
n$=nom$+n$
print n$
INPUT "number of points..."; MM 
DIM CB(50), CA(50), VO(50)
DIM WW(50), ZZ(50), YAY(50)
DIM A(20, 20), B(20, 20), U(20, 20)
DIMV(20, 20), W(20, 20)
DIMX(20), X9(20), F(20), F9(20)
DIMFO(20), H(20), K(20)
DIM XX(50), YY(50), Y(50)
GOTO 20000: REM jump to the main 
program
300 REM ****************
REM ***** subrutine, invers *****
REM ****** input matrix in aQ *****
REM ******* inverted matrix in wQ*** 
* * * * * * * * * * * * * * * * * * * * * * *
FORI = 1 TON 
F 0 R J = 1 T 0 N  
B(I,J) = 0 
V(I,J) = 0
IF I o  J THEN GOTO 600 
B(I,J) = 1 
V(I,D = 1 
600 NEXT J 
NEXT I
F 0 R Z = 1 T 0 N  
8 =  0
PPM  ************************** 
REM *** search for the pivot element** 
PPM ***************************
FORI = ZTON  
IF S > ABS(A(I, Z)) THEN GOTO 1300 
S = ABS(A(1,Z)):T = I 
1300 NEXT I
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pem  * * * * * * * * * * * * * * * * * * * * * * * * * * * *
REM ** lines z and t  will be exvhanged * 
R E M * * * * * * * * * * * * * * * * * * * * * * * * * * * * * *  
FORI = 1 TON 
S = A(Z, I): A(Z, I) = A(T, I): A(T, I) = S 
NEXT I
IF ABS(A(Z, Z)) > lE-30 THEN GOTO 
2400
PRINT " no inversiion is possible END
2400 V(Z, Z) = 0: V(T, T) = 0
V(Z, T) = 1: V(T, Z) = 1
REM *****************************
REM **** GAUSS-JORDAN 
ELIMINATION ***
PPM  ********************
F 0 R I = 1 T 0 N
FORJ = ITON
IF I = Z THEN GOTO 4000
IF J = Z THEN GOTO 4500
U(I, J) = A(l, J) - A(Z, J) * A(I, Z) / 
A(Z,Z)
GOTO 5000
4000 IF I = J THEN GOTO 4350
U(I,J) = -A(I,J)/A(Z,Z)
GOTO 5000
4350 U(Z,Z) = 1/A(Z,Z)
GOTO 5000
4500 U(I, Z) = A(I, Z) / A(Z, Z)
5000 NEXT J: NEXT I
pp2vl *********************
REM *** MULTIPLICATIION B= V*B
F 0 R I = 1 T 0 N  
F 0 R J = 1 T 0 N  
W(I,J) = 0 
FORK = I T O N
W(I, J) = w a , J) + V(I, K) * B(K, J) 
NEXT K: NEXT J: NEXT I 
FOR I = 1 TO N: FOR J = 1 TO N
B(I,J) = W(I,J)
NEXT J: NEXT I 
F0RI = 1 T 0 N  
F 0 R J = 1 T 0 N  
A(I,J) = U(I,J): V(I,J) = 0 
IFI = JTHENV(I, J) = l 
NEXT J: NEXT I 
NEXTZ
PPM  ************************
REM *** THE RESULT IS OBTAINDED 
BY MULTIPLY***
REM *** ING MATRIX A WITH THE 
PERMUTATION ****
REM ***** MATRIX B 
* * * *
* * * * * * * * * * * * * * * * * * * * * * * * *
FORI = ITON  
F 0 R J = 1 T 0 N  
W(I,J) = 0 
F 0 R K = 1 T 0 N
W(I, J) = wa, J) + Aa, K) * B(K, J)
NEXT K: NEXT J: NEXT I
RETURN: REM END OF INVERS
12000 REM *********************
REM ***** SUBROUTINE : 
FUNCTIONS ****
REM ***** THE FUNCTIIONS,
WHOSE ROOTS HAVE TO *****
REM ****** BECALCILATED, ARE 
PROGRAMMED HERE *****
REM ****** dS/dK(j) **
FOR J = 1 TO N: K(J) = X( J) : NEXT J
GOSUB 30000: FO = SS
FOR J = 1 TO N: DJ = ABS(X(J) / 1000!) 
+ lE-08
K(J) = K(J) + DJ: GOSUB 30000
F(J) = SS: K(J) = K(J) - 2 * DJ: GOSUB 
30000
F(J) = 0 ' (J)-SS) /2 /DJ  
K(J) = X(J):NEXTJ
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RETURN
15000 REM ******************
REM **** subroutine: partial *
REM *** the partial dérivâtes at the po- *
REM *** sition x9Q are calculated and **
REM ***** sti>red in matrix aQ ***
REM***** d(dS/dK(j) )/ dk(i) ***
p g M  * * * * * * * * * * * * * * * * * * * * * * * * * * * *
FOR I = 1 TO N: X(I) = X9(I): NEXT I
GOSUB 12000: REM functions calling
FOR I = 1 TO N: F9(I) = F(I): NEXT I
FOR 13 = 1 TO N: DI = ABS(X(I3) / 
10000!) + lE-08
X(I3) = X(I3) + DI: GOSUB 12000
FOR J3 = 1 TO N: A(J3,13) = F(J3)
NEXT J3: X(I3) = X9(I3): NEXT 13
FOR 13 = 1 TO N: DI = ABS(X(I3) / 
10000!) + lE-08
X(I3) = X(I3) - DI: GOSUB 12000
FOR J3 = 1 TO N: A(J3,13) = (A(J3,13) 
-F(J3)) /2/DI
NEXT J3: X(I3) = X9(I3): NEXT 13
FOR 13 = 1 TO N: A(I3,13) = A(I3,13) + 
F6: NEXT 13
RETURN
19000 REM **********************
REM *** subroutine : OUPUT *** 
* * * * * * * * * * * * * * * * * * *
PRINT
GOSUB 60000 
LOCATE 21,1
REM VIEW PRINT 19 TO 24 
F 0 R I = 1 T 0 N
PRINT USING "K( # )= #######.## +/- 
";i;X9(i);
PRINT USING" m m m m  
";SQR(ABS(W(I, I) * SS / (NP-AWEI - N)))
NEXT I
PRINT USING "SUM OF SQUARED 
ERRORS = SS
rem PRINT USING "factor # .# # #  "; 
SQR(SS/SSD);
PRINT " TO PRINT "EIT-ITT
RETURN
PPM ******************
20000 REM *****************
REM **** lines z and t will be exvhanged
REM*** MAIN PROGRAM
REM ********************
N = 2: REM NUMBER OF 
PARAMETERS
FF = 1: SM= 1E+30:ITT=1:EIT=100
GOSUB 25000
PRINT " INPUT OF THE ESTIMATED 
PARAMETERS"
PRINT
FOR I = 1 TO N: PRINT "k("; I; ")=";
INPUT X(I): X9(I) = X(l): NEXT I
20400 GOSUB 15000: REMpARTIAL 
DERIVATIVES
GOSUB 300: REM MATRIX 
INVERSION
FORI=1TON:H(I) = 0
FOR J= 1 TON: H(I) = H(I) + W(I, J) * 
F9(J)
NEXT J: NEXT I
GOSUB 19000: REM ouput
GOSUB 35000: REM optimization factor
FORI= 1 TON: X9(I) = X9(I) - FF * 
H(I):NEXTI
ITT = ITT+ 1
IF ITT = EIT THEN GOSUB 55000 
GOTO 20400
REM ********************
REM *** main program ends here ** 
REM **********************
25000 REM *******************
REM ******** subroutine : read data ** 
REM******************************* 
OPEN "i", 1, N$
J76
Annex 1
F 0 R I = 1 T 0 M M
INPUT #1, CB(I), CA(I), YY(I), VO(I) 
NEXT I
QMIN = YY(1): QMA = YY(MM)
FOR I = MM TOI STEP-1
YYX = YY(I) - YY(I - 1): YY(I) = YYX: 
WW(I) = 1
IF YYX > QMA THEN QMA = YYX
IF YYX < QMIN THEN QMIN = YYX
NEXT I
CLOSE #1
INPUT "do you like to weight the points 
..yes=l no=2 WPO
IF WPO = 2 THEN RETURN
FOR I = 1 TO MM: WW(I) = 1: NEXT I
INPUT "how many points "; NWP
F0RBA = 1T0NWP
INPUT "which point OP
INPUT "weight "; WEI
NWEI=NWEI+WEI
WW(OP) = WEI
AWEI=NWEI:NWEI=0
NEXT BA
F 0 R I = 1 T 0 M M
PRINT USING ##.###/^
##.###### U M  ";CB(I); CA(I), YY(I), 
WW(I)
NEXT I
RETURN
30000 REM *******************
REM *** subroutine : squared sum **
REM ******* the sum of the squared 
desviations ****
REM *** is evaluated in this section *
REM***********************
ss = o
F 0 R I = 1 T 0 M M
GOSUB 50000: Y(I) = Y: Y = Y -
YY(I)
SS = SS + WW(I) * Y * Y: SSD = 
YY(I) * YY(I) * WW(I)
NEXT I
RETURN
35000 REM ******************
REM ** Subroutine: optimum ****
REM *** the optimization factor ff is 
determinated here
rem  * * * * * * * * * * * * * * * * * * * * * *
FF = .6: FM = 0: DF = .5
35310 GOSUB 35600
IF SS < SM THEN SM = SS: FM = FF: 
FF = FF + DF: GOTO 35310
FF = FM - DF
35335 GOSUB 35600
IF SS < SM THEN SM = SS: FM = FF: 
FF = FF - DF: GOTO 35335
F 0 R J = 1 T 0  7
DF = DF / 2
FF = FM + DF: GOSUB 35600
IF SS < SMTHEN SM = SS: FM = FF: 
GOTO 35430
FF = FM - DF: GOSUB 35600
IF SS < SM THEN SM = SS: FM = FF
35430 NEXT J
FF = FM
RETURN
35600 FOR I = 1 TO N: K(I) = X9(I) - FF * 
H(I):NEXTI
GOSUB 30000
RETURN
50000 REM *********************
REM ********subroutine : fimction of 
regression *****
rem  * * * * * * * * * * * * * * * * * * * * * *
abk=ca(i)+cb(i)+l/k(l):ac4=4*(ca(i)*cb(i))
conc=(abk-sqr(abk^2-ac4))/2
ZZ(I) = conc:ZZZ = cone- ZZ(I -1)
Y = ZZZ* VO(I) * K(2): YAY(I) = Y 
RETURN
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55000 REM 
YOBS ##### LPRINT N$
PRINT " Q cal 
qobs "
Qobs Qcal-
LPRINT "I Qcal Qobs Qcal-qobs 
% error"
FO RI=lTOM M
ERRO = YAY(I)-YY(I)
PRINT USING" # # .# # #  MMmm 
###.##### ";YAY(I); YY(I); YAY(I) - 
YY(I)
LPRINT USING"## ###.#### ###.#### 
##.##### ##.### #.## ## 
";I;YAY(I);YY(I);ERRO;ABS(100 * ERRO / 
YAY(I));WW(I)
NEXT I
F 0 R I = 1 T 0 N
LPRINT USING "K(#)  #########.## 
";i;X9(i);
Iprint "+ /
LPRINT USING" #######.##"; 
SQR(ABS(W(I, I) * SS / (NP - N)))
NEXT I
LPRINT USING " SUM OF SQUARED 
ERRORS = ### .#### /^  "; SS
HFR=SQR(SS/SSD)
LPRINT USING" factor #.##### ";hfr 
rem LPRINT " ( N; " , "; MM - N; "
)"
RETURN
RETURN
60000 REM ############### graph
SCREEN 1 
CLS
VIEW (10, 10H300, 140),, 1
WINDOW (0, QMIN * 1.08)-(MM, QMA 
* 1.08)
F0RI = 1T0MM
PSET (I, YY(I)), 3
PSET (I, Y(I)), 1
NEXTI
RETURN
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Microcalorimetric titration data.
Table 1 Microcalorimetric titration data for 12 crown 4 with lithium 
hexafluoroarsenate in acetonitrile at 298.15 K.
Xq (mol-dm-3) Lg (mol-dm-3) Q(mJ) V (cm3)
1.046e-3 1.206e-4 -0.0062 0.0149
1.044e-3 2.407e-4 -0.0236 0.0299
1.042e-3 3.603e-4 -0.0443 0.0448
1.039e-3 4.793e-4 -0.0672 0.0598
1.037e-3 5.977e-4 -0.0808 0.7480
1.035e-3 7.156e-4 -0.0972 0.8977
1.032e-3 8.33 le-4 -0.1068 0.1047
1.030e-3 9.450e-4 -0.1145 0.1196
1.028e-3 1.066e-3 -0.1266 0.1346
1.026e-3 1.182e-3 -0.1335 0.1496
1.022e-3 1.297e-3 -0.1395 0.1645
1.021e-3 1.412e-3 -0.1421 0.1795
1.019e-3 1.527e-3 -0.1467 0.1945
1.017e-3 1.640e-3 -0.1492 0.2094
Xg is the concentration o f the cation in the reaction vessel. 
Lj, is the concentration o f the ligand (12 crown 4).
Q is the corrected heat liberated inside the reaction vessel. 
V is the volume o f titrant added (12 crown 4).
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Table 2  Microcalorimetric titration data for 12 crown 4  with lithium 
tetrafluoroborate in acetonitrile at 298.15 K.
Xq (mol-dm-3) Lg (mol-dm-3) Q(mJ) V (cm3)
6.840e-3 7.000e-4 -0.0432 0.0149
6.757e-3 1.383e-3 -0.0921 0.0299
6.675e-3 2.045e-3 -0 .1 0 2 1 0.0448
6.596e-3 2.700e-3 -0.1157 0.0598
6.518e-3 3.335e-3 -0.1256 0.7480
6.443e-3 3.956e-3 -0.1359 0.8977
6.369e-3 4.562e-3 -0.1426 0.1047
6.296e-3 5.155e-3 -0.1481 0.1196
6.226e-3 5.734e-3 -0.1520 0.1346
6.156e-3 6.301e-3 -0.1571 0.1496
6.089e-3 6.854e-3 -0.1603 0.1645
Xfis the concentration o f the cation in the reaction vessel. 
Lg is the concentration o f the ligand (1 2  crown 4 ).
Q is the corrected heat liberated inside the reaction vessel. 
V is the volume o f titrant added (12 crown 4).
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Table 3 Microcalorimetric titration data for 12  crown 4  with lithium 
trifluoromethanesulfonate in acetonitrile at 298.15 K.
Xg (mol-dm*3) Lg (mol-dm-3) Q(mJ) V (cm3)
6.368e-3 7.000e-4 -0.0443 0.0149
6.291e-3 1.383e-3 -0.0912 0.0299
6.215e-3 2.045e-3 -0.1365 0.0448
6.141e-3 2.700e-3 -0.1829 0.0598
6.069e-3 3.335e-3 -0.2272 0.7480
5.998e-3 3.956e-3 -0.2688 0.8977
5.929e-3 4.562e-3 -0.3044 0.1047
5.862e-3 5.155e-3 -0.3316 0.1196
5.796e-3 5.734e-3 -0.3442 0.1346
5.732e-3 6.301e-3 -0.3456 0.1496
5.669e-3 6.854e-3 -0.3489 0.1645
Xq is the concentration o f the cation in the reaction vessel. 
Lq is the concentration of the ligand (12 crown 4).
Q is the corrected heat liberated inside the reaction vessel. 
V is the volume o f titrant added (12 crown 4).
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Table 4 Microcalorimetric titration data for 12 crown 4 with lithium perchlorate 
in acetonitrile at 298.15 K.
Xq (mol'dm-3) Lj, (mol*dm-3) Q(mJ) V (cm3)
6.042e-3 7.000e-4 -0.0449 0.0149
5.968e-3 1.383e-3 -0.0908 0.0299
5.897e-3 2.045e-3 -0.1319 0.0448
5.826e-3 2.700e-3 -0.1633 0.0598
5.758e-3 3.335e-3 -0.1842 0.7480
5.691e-3 3.956e-3 -0.1982 0.8977
5.626e-3 4.562e-3 -0.2088 0.1047
5.562e-3 5.155e-3 -0.2168 0.1196
5.499e-3 5.734e-3 -0.2232 0.1346
5.438e-3 6.301e-3 -0.2288 0.1496
5.378e-3 6.854e-3 -0.2315 0.1645
X^is the concentration o f the cation in the reaction vessel. 
Lq is the concentration o f the ligand (12 crown 4).
Q is the corrected heat liberated inside the reaction vessel. 
V is the volume o f titrant added (12 crown 4).
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Table 5 Microcalorimetric titration data for 12 crown 4 with lithium 
hexafluoroarsenate in propylene carbonate at 298.15 K.
Xg (mol*dm*3) Lj, (mol-dm-3) Q(mJ) V (cm3)
3.114e-3 2.798e-4 -0.1598 0.0149
3.107e-3 5.583e-4 -0.3052 0.0299
3.100e-3 8.356e-4 -0.4451 0.0448
3.093e-3 1.112e-3 -0.5906 0.0598
3.086e-3 1.386e-3 -0.7248 0.7480
3.079e-3 1.660e-3 -0.8424 0.8977
3.072e-3 1.932e-3 -0.9446 0.1047
3.066e-3 2.203e-3 -1.0405 0.1196
3.059e-3 2.473e-3 -1.1368 0.1346
3.052e-3 2.742e-3 -1.2158 0.1496
3.045e-3 3.009e-3 -1.2881 0.1645
3.039e-3 3.276e-3 -1.3601 0.1795
3.032e-3 3.541e-3 -1.4307 0.1945
3.025e-3 3.805e-3 -1.4941 0.2094
3.018e-3 4.068e-3 -1.5432 0.2243
3.012e-3 4.329e-3 -1.5872 0.2392
Xgis the concentration o f the cation in the reaction vessel. 
Lq is the concentration o f the ligand (12 crown 4).
Q is the corrected heat liberated inside the reaction vessel. 
V is the volume o f titrant added (12 crown 4).
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Table 6 Microcalorimetric titration data for 12 crown 4 with lithium 
tetrafluoroborate in propylene carbonate at 298.15 K.
Xq (mol-dm-3) Lq (mol-dm-3) Q(mJ) V (cm3)
3.464e-3 2.869e-4 -0.1553 0.0149
3.456e-3 5.726e-4 -0.3054 0.0299
3.448e-3 8.569e-4 -0.4397 0.0448
3.440e-3 1.140e-3 -0.5723 0.0598
3.433e-3 1.422e-3 -0.6960 0.7480
3.425e-3 1.702e-3 -0.8135 0.8977
3.417e-3 1.982e-3 -0.9164 0.1047
3.410e-3 2260e-3 -1.0092 0.1196
3.402e-3 2.536e-3 -1.0855 0.1346
3.394e-3 2.812e-3 -1.1513 0.1496
3.869e-3 3.086e-3 -1.2276 0.1645
3.379e-3 3.354e-3 -1.2901 0.1795
3.372e-3 3.63 le-3 -1.3417 0.1945
3.365e-3 3.902e-3 -1.3918 0.2094
3.357e-3 4.171e-3 -1.4381 0.2243
3.350e-3 4.440e-3 -1.4639 0.2392
Xgis the concentration o f the cation in the reaction vessel. 
Lq is the concentration o f the ligand (12 crown 4).
Q is the corrected heat liberated inside the reaction vessel. 
V is the volume o f titrant added (12 crown 4).
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Table 7 Microcalorimetric titration data for 12 crown 4 with lithium 
trifluoromethanesulonate in propylene carbonate at 298.15 K.
Xg (mol-dm-3) Lq (mol-dm-3) Q(mJ) V (cm3)
2.836e-3 5.862e-4 -0.0582 0.0060
2.830e-3 1.170e-3 -0.1293 0 .0 1 2 0
2.825e-3 1.752e-3 -0.1988 0.0180
2.820e-3 2.33 le-3 -0.2684 0.0240
2.814e-3 2.908e-3 -0.3371 0.0300
2.808e-3 3.482e-3 -0.4043 0.0360
2.802e-3 4.055e-3 -0.4688 0.0420
2.797e-3 4.625e-3 -0.5270 0.0480
2.792e-3 5.193e-3 -0.5674 0.0540
2.787e-3 5.758e-3 -0.5861 0.0600
2.782e-3 6.322e-3 -0.5932 0.0660
2.775e-3 6.883e-3 -0.5974 0.0720
2.770e-3 7.115e-3 -0.5977 0.0780
Xq is the concentration o f the cation in the reaction vessel. 
Lq is the concentration o f the ligand (12 crown 4).
Q is the corrected heat liberated inside the reaction vessel. 
V is the volume o f titrant added (1 2  crown 4).
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Table 8 Microcalorimetric titration data for 12 crown 4 with lithium perchlorate 
in propylene carbonate at 298.15 K.
Xg (mol-dm-3) Lg (mol-dm-3) Q(mJ) V(cm3)
3.787e-3 2.869e-4 -0.1746 0.0149
3.778e-3 5.726e-4 -0.3289 0.0299
3.770e-3 5.569e-4 -0.4701 0.0448
3.761e-3 1.140e-3 -0.6235 0.0598
3.753e-3 1.422e-3 -0.7656 0.7480
3.745e-3 1.702e-3 -0.8915 0.8977
3.736e-3 1.982e-3 -1.0089 0.1047
3.728e-3 2.256e-3 -1.1202 0.1196
3.719e-3 2.536e-3 -1.2239 0.1346
3.71 le-3 2.812e-3 -1.3173 0.1496
3.703e-3 3.086e-3 -1.4121 0.1645
3.695e-3 3.359e-3 -1.4924 0.1795
3.687e-3 3.63 le-3 -1.5668 0.1945
3.679e-3 3.902e-3 -1.6317 0.2094
3.670e-3 4.171e-3 -1.6955 0.2243
3.662e-3 4.440e-3 -1.7606 0.2392
Xj, is the concentration o f the cation in the reaction vessel. 
Lq is the concentration o f the ligand (12 crown 4).
Q is the corrected heat liberated inside the reaction vessel. 
V is the volume o f titrant added (12 crown 4).
186
Annex 2
Table 9 Microcalorimetric titration data for 1-benzyl-1-aza-12 crown 4 with 
lithium hexafluoroarsenate in acetonitrile at 298.15 K.
Xq (mol-dm-3) Lg (mol-dm-3) Q(mJ) V (cm3)
1.013e-2 1.262e-3 -0.0043 0.0149
1.006e-2 2.507e-3 -0.0901 0.0299
9.986e-3 3.734e-3 -0.1337 0.0448
9.972e-3 4.944e-3 -0.1742 0.0598
9.849e-3 6.137e-3 -0.2118 0.7480
9.782e-3 7.314e-3 -0.2461 0.8977
9.715e-3 8.475e-3 -0.2776 0.1047
9.650e-3 9.621e-3 -0.3077 0.1196
9.585e-3 1.075e-2 -0.3349 0.1346
9.521e-3 1.187e-2 -0.3600 0.1496
9.458e-3 1.297e-2 -0.3815 0.1645
9.396e-3 1.405e-2 -0.4016 0.1795
9.335e-3 1.512e-2 -0.4204 0.1945
Xq is the concentration o f the cation in the reaction vessel.
Lg is the concentration o f the ligand (1-benzyl-1-aza-12 crown 4). 
Q is the corrected heat liberated inside the reaction vessel.
V is the volume o f titrant added (1-benzyl-1-aza-12 crown 4).
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Table 10 Microcalorimetric titration data for 1-benzyl-1-aza-12 crown 4 with 
lithium tetrafluoroborate in acetonitrile at 298.15 K.
Xq (mol-dm-3) Lq (mol-dm-3) Q(mJ) V(cm3)
8.321e-3 1.885e-3 -0.0593 0.0299
8.277e-3 2.813e-3 -0.1324 0.0448
8.234e-3 3.73 le-3 -0.2049 0.0598
8.191e-3 4.640e-3 -0.2773 0.0748
8.149e-3 5.539e-3 -0.3493 0.0897
8.107e-3 6.429e-3 -0.4206 0.1047
8.065e-3 7.310e-3 -0.4903 0.1196
8.024e-3 8.181e-3 -0.5539 0.1346
7.983e-3 9.044e-3 -0.5984 0.1496
7.943e-3 9.898e-3 -0.6162 0.1645
7.903e-3 1.074e-3 -0.6220 0.1795
7.864e-3 1.158e-3 -0.6236 0.1945
7.825e-3 1.241e-3 -0.6244 0.2094
Xq is the concentration o f the cation in the reaction vessel.
Lg is the concentration o f the ligand (l-benzyl-l-aza-12 crown 4). 
Q is the corrected heat liberated inside the reaction vessel.
V is the volume o f titrant added (l-benzyl-l-aza-12 crown 4).
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Table 11 Microcalorimetric titration data for l-benzyl-l-aza-12 crown 4 with 
lithium trifluoromethanesulfonate in acetonitrile at 298.15 K.
Xq (mol-dm-3) Lq (mol-dm-3) Q(mJ) V (cm3)
8.365e-3 9.477e-4 -0.0559 0.0149
8.321e-3 1.885e-3 -0.1645 0.0299
8.277e-3 2.813e-3 -0.0873 0.0448
8.323e-3 3.73 le-3 -0.1582 0.0598
8.191e-3 4.640e-3 -0.2272 0.7480
8.149e-3 5.539e-3 -0.2963 0.8977
8.107e-3 6.429e-3 -0.3642 0.1047
8.065e-3 7.310e-3 -0.4231 0.1196
8.024e-3 8.181e-3 -0.4599 0.1346
7.983e-3 9.044e-3 -0.4725 0.1496
7.943e-3 9.898e-3 -0.4772 0.1645
7.903e-3 1.074e-2 -0.4796 0.1795
7.864e-3 1.158e-2 -0.4808 0.1945
7.825e-3 1.241e-2 -0.4828 0.2094
Xq is the concentration of the cation in the reaction vessel.
Lq is the concentration o f the ligand (l-benzyl-l-aza-12 crown 4). 
Q is the corrected heat liberated inside the reaction vessel.
V is the volume of titrant added (l-benzyl-l-aza-12 crown 4).
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Table 12 Microcalorimetric titration data for 1-benzyl-1-aza-12 crown 4 with 
lithium perchlorate in acetonitrile at 298.15 K,
Xg (mol*dm*3) L q  (mol'dm-3) Q(mJ) V (cm3)
7.973e-3 9.477e-4 -0.4865 0.0149
7.93 le-3 1.885e-3 -0.1236 0.0299
7.890e-3 2.813e-3 -0.1973 0.0448
7.848e-3 3.73 le-3 -0.2704 0.0598
7.807e-3 4.640e-3 -0.3426 0.0748
7.767e-3 5.539e-3 -0.4141 0.0897
7.727e-3 6.429e-3 -0.4808 0.1047
7.687e-3 7.310e-3 -0.5351 0.1196
7.648e-3 8.181e-3 -0.5559 0.1346
7.609e-3 9.044e-3 -0.5622 0.1496
7.571e-3 9.898e-3 -0.5648 0.1645
7.533e-3 1.074e-2 -0.5664 0.1795
7.495e-3 1.158e-2 -0.5682 0.1945
7.458e-3 1.241e-2 -0.5688 0.2094
X^is the concentration o f the cation in the reaction vessel.
Lq is the concentration o f the ligand (1-benzyl-1-aza-12 crown 4). 
Q is the corrected heat liberated inside the reaction vessel.
V is the volume o f titrant added (1-benzyl-1-aza-12 crown 4).
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Table 13 Microcalorimetric titration data for 1-benzyl-1-aza-12 crown 4 with 
lithium hexafluoroarsenate in propylene carbonate at 298.15 K.
Xg (mol-dm-3) Lg (mol-dm-3) Q(mJ) V(cm3)
3.838e-3 2.88 le-4 -0.0402 0.0149
3.829e-3 5.750e-4 -0.0773 0.0299
3.820e-3 8.605e-4 -0.1149 0.0448
3.812e-3 1.145e-3 -0.1519 0.0598
3.803e-3 1.428e-3 -0.1877 0.7480
3.795e-3 1.709e-3 -0.2248 0.8977
3.786e-3 1.990e-3 -0.2598 0.1047
3.778e-3 2.269e-3 -0.2940 0.1196
3.769e-3 2.547e-3 -0.3287 0.1346
3.761e-3 2.824e-3 -0.3609 0.1496
3.753e-3 3.099e-3 -0.3898 0.1645
3.744e-3 3.373e-3 -0.4162 0.1795
3.736e-3 3.647e-3 -0.4390 0.1945
3.728e-3 3.918e-3 -0.4555 0.2094
Xq is the concentration o f the cation in the reaction vessel.
Lq is the concentration o f the ligand (1-benzyl-1-aza-12 crown 4). 
Q is the corrected heat liberated inside the reaction vessel.
V is the volume o f titrant added (1-benzyl-1-aza-12 crown 4).
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Table 14 Microcalorimetric titration data for 1-benzyl-1-aza-12 crown 4 with 
lithium tetrafluoroborate in propylene carbonate at 298.15 K.
Xq (mol-dm-3) Lg (mol-dm-3) Q(mJ) V (cm3)
4.348 e-4 2.881e-4 -0.0452 0.0149
4.338e-4 5.750e-4 -0.0860 0.0299
4.328e-4 8.605e-4 -0.1272 0.0448
4.318e-4 1.145e-3 -0.1683 0.0598
4.309e-4 1.428e-3 -0.2081 0.7480
4.299e-4 1.709e-3 -0.2474 0.8977
4.289e-4 1.990e-3 -0.2850 0.1047
4.280e-4 2.269e-3 -0.3216 0.1196
4.270e-4 2.547e-3 -0.3600 0.1346
4.261e-4 2.824e-3 -0.3958 0.1496
4.251e-4 3.099e-3 -0.4299 0.1645
4.242e-4 3.373e-3 -0.4610 0.1795
4.232e-4 3.647e-3 -0.4890 0.1945
4.223e-4 3.918e-3 -0.5125 0.2094
4.214e-4 4.189e-3 -0.5331 0.2244
4.205e-4 4.458e-3 -0.5452 0.2394
Xq is the concentration o f the cation in the reaction vessel.
Lq is the concentration of the ligand (1-benzyl-1-aza-12 crown 4). 
Q is the corrected heat liberated inside the reaction vessel.
V is the volume of titrant added (1-benzyl-1-aza-12 crown 4).
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Table 15 Microcalorimetric titration data for 1-benzyl-1-aza-12 crown 4 with 
lithium trifluoromethanesulfonate in propylene carbonate at 298.15 K.
Xg (mol-dm*3) Lq (mol-dm-3) Q(mJ) V (cm3)
5.952e-3 3.740e-4 -0.0272 0.0199
5.910e-3 7.428e-4 -0.0853 0.0399
5.869e-3 1.106e-3 -0.1396 0.0598
5.828e-3 1.465e-3 -0.1949 0.0798
5.788e-3 1.819e-3 -0.2427 0.0998
5.748e-3 2.167e-3 -0.3050 0.1397
5.709e-3 2.51 le-3 -0.4389 0.1597
5.671e-3 2.851e-3 -0.4783 0.1796
5.633e-3 3.186e-3 -0.5422 0.1996
5.595e-3 3.516e-3 -0.6115 0.2195
5.558e-3 3.842e-3 -0.6586 0.2395
5.522e-3 4.164e-3 -0.7468 0.2595
5.486e-3 4.482e-3 -0.8062 0.2794
5.450e-3 4.795e-3 -0.8691 0.2994
Xj, is the concentration o f the cation in the reaction vessel.
Lq is the concentration o f the ligand (1-benzyl-1-aza-12 crown 4). 
Q is the corrected heat liberated inside the reaction vessel.
V is the volume o f titrant added (1-benzyl-1-aza-12 crown 4).
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Table 16 Microcalorimetric titration data for 1-benzyl-1-aza-12 crown 4 with 
lithium perchlorate in propylene carbonate at 298.15 K.
Xq (mol-dm-3) (mol-dm*3) Q(mJ) V (cm3)
8.017e-3 9.477e-4 -0.0481 0.0149
7.975e-3 1.885e-3 -0.1224 0.0299
7.933e-3 2.813e-3 -0.2038 0.0448
7.891e-3 3.73 le-3 -0.2878 0.0598
7.850e-3 4.640e-3 -0.3699 0.0748
7.810e-3 5.539e-3 -0.4424 0.0897
7.769e-3 6.429e-3 -0.4974 0.1047
7.730e-3 7.303e-3 -0.5354 0.1196
7.690e-3 8.181e-3 -0.5500 0.1346
7.65 le-3 9.044e-3 -0.5544 0.1496
7.613e-3 9.898e-3 -0.5563 0.1645
7.574e-3 1.074e-2 -0.5572 0.1795
7.536e-3 1.158e-2 -0.5579 0.1945
7.499e-3 1.241e-2 -0.5584 0.2094
Xq is the concentration o f the cation in the reaction vessel.
Lq is the concentration o f the ligand (1-benzyl-1-aza-12 crown 4). 
Q is the corrected heat liberated inside the reaction vessel.
V is the volume o f titrant added (1-benzyl-1-aza-12 crown 4).
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The turbo basic language programme available at the Thermochemistry Laboratory 
which was used to calculate the molar conductance and the dissociation constant of  
lithium electrolytes in non-aqueous solution.
CLS
•LPRINT CHR$(27) "x" CHR$(0) 
COLOR 14,12 :CLS 
PRINT 
PRINT "
PROGRAM VARY LKR
Turbo BASIC program
PRINT" ) 
PRINT" *
3 »
PRINT" ^
3 "
PRINT"
PRINT
PRINT
REVISED 30 IAN 92, Checked for 2:2 electrolytes
PRINT " JUSTICE METHOD FOR THE
FUOSS-HSIA EQN, FERNANDEZ-PRINI 
EXPANSION"
PRINT"
andR2"
VARIABLES ARE LG, Ka,
PRINT" PIT-MAPPING METHOD,
MATH COPROCESSOR REQUIRED"
DEFDBLA-H
DEFDBLK-L
DEFDBLP-Z
DEFINTI-J
DEFINTM-0
'ON KEY(1) GOSUB 4000:ON KEY(5) GOSUB 
5000:ONKEY(9) GOSUB 6000
KEY(1) 0N:KEY(5) 0N:KEY(9) ON
COLOR 3
KEY ON
KEY l,"ChgPrt"
KEY 5,"NuStep"
KEY 9,"Reset"
KEY 10,"NuPage"
COLOR 14 
LPRINT
LPRINT " PROGRAM VARY_LKR FOR
REFINEMENT OF LO, Ka, and R2"
LPRINT
LPRINT " F-H EQUATION WITH 
FERNANDEZ-PRINI EXPANSION & PIT- 
MAPPING"
LPRINT
DIM Y0(50),Y1(50),Y2(50), 
X0(50)A0(50)A1(50),C(50)
DIMLone(50), Sum(5),Sig(5)
DIM X1(4),X2(4),X3(4),D1(4),D2(4)
PRINT
LINE INPUT "ENTER PROBLEM 
INFORMATION: ",G$
LPRINT "****♦ ";G$;" *****"
LPRINT DATES
LPRINT
NCALC% = 0
PRINT
' READ DO, Vise, TEMP, ION CHARGE, DO, 
Vise, Temp, Z, from .DAT file
READ DO, Vise, Temp, Z
PRINT
INPUT "READ NUMBER OF EQUATIONS (N9): 
",N9
LPRINT USING "Diel Const = ##.###, Viscosity 
= #j######»;DO,Visc
LPRINT USING "Temp = ###.##, ion charge z = 
#.#";Temp,Z
195
Annex 3
LPRINT "_____________________ "
LPRINT "___________________ "
LPRINT
PRINT
INPUT "ENTER ITERATION LIMIT FOR ALPHA 
(Alim): ",Alim
PRINT
INPUT "ENTER TRIAL LIMTTING MOLAR 
CONDUCTIVITY (LO): ",L0
INPUT "ENTER STEP AND ITERATION LIMTT 
FORLO: ",D1(1),D2(1)
PRINT
INPUT "ENTER TRIAL ASSOCIATION 
CONSTANT Ka: ",Ka
INPUT "ENTER STEP and ITERATION LIMIT 
FORKa: ",D1(2),D2(2)
PRINT
Qb=Z^2*2.3068617E-l l/(D0*Temp*2.761244E- 
16) 'B jem im q
PRINT USING "NOTE THAT THE Bjerrum 
distance q = MU.MMUM angstroms";Qb
PRINT
INPUT "ENTER TRIAL DISTANCE 
PARAMETER R2 (default R2 = q): ",R2
INPUT "ENTER STEP AND ITERATION LIMIT 
FORR2: ",D1(3),D2(3)
IFR2 = 0THENR2 = Qb
PRINT
DL = DI(1)
DK = D1(2)
DR = D1(3)
INPUT "PRINT OBSD & CALCD 
CONDUCTIVITIES? Y/N (default = N): "JL$
f f  L$ = "Y" OR L$ = "y" THEN 250
L$ = "N"
250 INPUT "PRINT CONCNS, ACT COEFFS & 
ALFA? Y/N (default = N): ",C$
IF C$ = "Y" OR C$ = "y" THEN 275
C$ = "N"
275 PRINT
LPRINT
330 LPRINT USING "INITIAL INPUT DATA 
FOLLOW FOR ## DATA P0INTS";N9
LPRINT
LPRINT "ITERATION LIMTT FOR ALFA, Alim,
= ";Alim
LPRINT
LPRINT USING "LIMITING MOLAR 
CONDUCTIVITY LO = ###.####";L0
LPRINT USING "STEP = ## J## , LIMIT = 
#.#####";D1(1),D2(1)
LPRINT
LPRINT USING "INITIAL ASSOCIATION 
CONSTANT Ka =
LPRINT USING "STEP = LIMIT =
#J###^^''^";D1(2),D2(2)
LPRINT
LPRINT USING "INITIAL DISTANCE 
PARAMETER R2 = ###.####"^12
LPRINT USING "STEP = ##.###, LIMTT = 
#.####";D1(3),D2(3)
W NCALC% = 1 THEN 620
F O R I= lT O N 9
READ YO(I),XO(I) ' electrolytic or molar 
conductance YO at concn XO
If YO is in units of S cm-1, then include the 
following statement
YO(I) = 1000.0*Y0(I)/X0(I) ' convert to molar
conductances
NEXT I
Adh = 1824600.0/(D0*Temp)^l .5 
DEBYE-HUCKELA
B1 = 820460.0*Z^2/(D0*Temp)^1.5 
ONSAGERbetal
B2 = 82.487*Z/(Visc*(D0*Temp)^.5) 
0NSAGERbeta2
B3 = 50.2916/(D0*Temp)^.5 
DEBYE-HUCKKELB
El = 2.94257E12*ZM/(D0*Temp)'^3
E2 = 43324400.0*Z^3/(Visc*(D0*Temp)^2)
T1 = 2.0*El*(LOG(B3*Qb) + 2.2824)
T2 = 2.0*E2*(3.6808 - 2.0*LOG(B3*Qb))
B9 = 167099.0*Z^2/(D0*Temp)
620 X3(1) = L0
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X3(2) = Ka 
X3(3) = R2 
F0R I=1T0 3 
X1(I) = X3(I)
NEXT I
'START CALCULATIONS 
'680 GOSUB 1180 
IF G5 = 1 THEN 1030 
LPRINT " _____
LPRINT "FINAL VALUES FOLLOW FOR 
";NITER%;" ITERATIONS"
LPRINT
LPRINT USING "ERROR SUM SQUARED (A5) 
= # < « « « «  %A5
LPRINT
GOSUB 2250
LPRINT USING "LO =###.####, sigma = 
##J###";LO,Sig(l)
LPRINT USING "Ka = sigma =
# j##AAAA";Ka,Sig(3)
LPRINT
LPRINT USING "DISTANCE PARAMETER R2 = 
###J###";R2
LPRINT
LPRINT USING "STANDARD ERROR OF 
ESTIMATE FOR lamda =
< « « « « " ;S ig ( 5 )
LPRINT
LPRINT USING = and E =
#.#######^^'^''^";Sonsager,Eonsager
LPRINT USING " J1 = and J2 =
LPRINT
LPRINT USING "Bjemim's Q = ###.#####";Qb 
940 LPRINT
LPRINT "___________________ "
LPRINT
IF L$ = "N" OR L$ = "n" THEN 960
LPRINT "OBSERVED AND CALCULATED 
CONDUCTANCES"
LPRINT
F 0 R I= 1 T 0 N 9
LPRINT USING "## Lexptl = MUMMMM and 
Lcalcd = ### J#######"ÆY0(I),Y1(I)
LPRINT USING "difference (OBSD minus 
CALCD) = ##.####### AND ERROR % 
###.####";Y2(I),100*Y2(I)/Y1(I)
LPRINT
NEXT I
960 IF C$ = "N" OR C$ = "n" THEN 1040 
LPRINT
F 0 R I= 1 T 0 N 9
LPRINT USING "##, concn = #.########, alfa = 
#.########, actcoeff=
#.######";I,XO(I)Al(I)AOa)
NEXT I 
LPRINT 
GOTO 1040
1030 LPRINT "PROBLEM DID NOT 
CONVERGE AFTER ";NITER%; "ITERATIONS"
PRINT
PRINT "PROBLEM DID NOT CONVERGE 
AFTER ";NITER%;" ITERATIONS"
PRINT "DO YOU WANT TO CONTINUE 
CALCS WITH NEW STEP VALUES?"
PRINT
INPUT "ENTER Y/N (default = Y): ",Cont$
IF Cents = "N" OR ContS = "n" THEN 1040
1031 PRINT
INPUT "ENTER NEW STEP VALUE FOR LO 
(default = initial value): "T)l(l)
INPUT "ENTER NEW STEP VALUE FOR Ka 
(default = initial value: ",D1(2)
INPUT "ENTER NEW STEP VALUE FOR R2 
(default = initial value): ",D1(3)
W D l(l)  = 0 THEN D l(l)  = DL
IF Dl(2) = 0 THEN Dl(2) = DK
W Dl(3) = 0 THEN Dl(3) = DR
GOTO 680
1040 LPRINT "__________________ "
1050 PRINT
1058 PRINT "DO YOU WANT TO REPEAT 
CALCULATION?"
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PRINT
INPUT "ENTER Y/N (default = Y): ",R$
IF R$ = "N" OR R$ = "n" THEN 1160
NTEMP = N9
PRINT
PRINT "PRESENT NUMBER OF DATA POINTS 
= ";N9;" This is the default value."
INPUT "ENTER NUMBER OF DATA POINTS 
FOR THIS CALCN: ",N9
PRINT
ff  N9 = 0 THEN N9 = NTEMP
D1(1) = DL
D1(2) = DK
D1(3) = DR
LPRINT
NCALC% = 1
LPRINT "REPEAT CALCULATION WITH ";N9;" 
DATA POINTS"
LPRINT "
GOTO 330 
1160 END
'1180' SUBROUTINE MIN 
'G 5=0
F0R I=1T0 3 
X1(I) = X3(I)
X2(I) = X3(I)
NEXT I 
GOSUB 1540 
A 5=E5 
NITER% = 0 
PRINT
1270 NITER% = NITER% + 1
PRINT "FOR ITERATION No. ";NITER%
PRINT USING "ERROR SUM SQUARED A5 = 
#.#######"^";A5
PRINT USING "LO = ###.####, STEP = 
###J#####";X3(1),D1(1)
PRINT USING = STEP =
#.####^^^^";X3(2),D1(2)
PRINT USING "R2 STEP =
###.####";X3(3),D1(3)
PRINT
ITERATIONS LIMIT SET AT 150 
IF NITER% > 11150 THEN G5 = 1 
IF G5 = 1 THEN 1530 
GOSUB 2540 
GOSUB 2700 
GOSUB 3000
'STORE RESULTS FOR FINAL VALUES 
F 0 R I= 1  T 0 3
W ABS(X3(I)-X2(I)) >= D1(I) THEN 1460
W D1(I) > D2(I) THEN 1440
GOTO 1470
1440Dl(I) = Dl(I)/2.0
GOTO 1470
1460D1(I) = 2.0*D1(I)
1470X3(I) = X2(I)
NEXT I 
L0 = X3(1)
Ka = X3(2)
R2=X3(3)
IF D l(l)  > D2(l) THEN 1270 
IF Dl(2) > D2(2) THEN 1270 
IF Dl(3) > D2(3) THEN 1270 
1530 RETURN
'1540 ' SUBROUTINE ERROR
'CALCULATE ALFA BY NEWTON-RAPHSON 
METHOD AND' CALCULATE 
CONDUCTANCES FROM PRESENT VALUES 
OF LO, Ka, and R2
" AO = ACTIVITY COEFFICIENT
' A1 = DEGREE OF DISSOCIATION alfa
IF NCALC% = 1 THEN 1680
IF NITER% > 1 THEN 1680
F 0 R I= 1 T 0 N 9
A0(I) = .85
A1(I) = .05
NEXT I
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1680 FO R I= 1 T0N 9
1690 C5=A1(I)*X0(I)*Z'^2
U = -Adh*Z'^2*C5''.5/(l + B3*Qb*C5^5)
A0(I) = EXP10(U)
C6=A0(I)*A1(I)*X0(I)
Fx = C6*A1(I)*A0(I)*X1(2) + A1(I) - 1.0 
Dfic = 2.0*C6*A0(I)*Xl(2) + 1.0 
V = A1(I) - Fx/Dfx
IF ABS(V - A1(I)) < Alim THEN 1790 
A1(I) = V 
GOTO 1690 
1790A1(I) = V
C(I) = X0(I)*A1(I)*Z^2 ' IONIC
STRENGTH
NEXT I
NCALC% = 1
CALCULATE CONDUCTANCES 
F = B9/X1(3)
H3 = .9571/F^3 + 1.1187/F^2 + .1523/F 
H4 = (.5738*F'^2 + 7.0572*F - 2.0/3.0)/F'^3 - .6461 
H5 = E2*B2*(4.0/(3.0*F) - 2.2194)/X1(1) 
T3=4.0*EPH3*X1(1)
T4 = 2.0*E2*H4 
J1#=X1(1)*T1+T2 
J2#=B3*B9*(T3 + T4)-H5 
Eone = E l* X l(l)-E 2  
E 5 = 0
F0RJ=1T0N9
Cp = Al(J)*XO(J)
P1=(B1*X1(1) + B2)*C(ir.5
P2 = Eone*C(J)*LOG(C(J))
P3 = Jl#*C(J)-J2#*C(Jri.5
P4 = 1.0 + X0(J)*A1(J)*A0(J)^2*X1(2)
Lone(J) = A1(J)*(X1(1)-P1+P2 + P3)
Ldiff = Y0(J) - Lone(J) ' DUT BETWEEN
OBSD & CALCD CONDUCTANCES
E5=E 5 + LdifP^2 
SQUARED
NEXTJ
ERROR SUM
RETURN
•2250 ' SUBROUTINE DEVIATION
" CALC STANDARD DEVIATIONS AND STND 
ERROR OR ESTIMATE FOR lamda
T 0 R N = 1 T 0  5
Sum(N) = 0.0
Sig(N) = 0.0
NEXTN
F 0 R N = 1 T 0 N 9  
Cp = C(N)/Z^2
PI = 1.0 + X0(N)*Al(N)*A0(N)^2*Ka
P2 = E2*C(N)*L0G(C(N)) + B2*C(N)^.5 - 
J1#*C(N) + J2#*C(N)^1.5
P3 = 1.0 -B l*C (N r.5 +E1*C(N)*L0G(C(N))
Sum(l) = Sum(l) + ((Y0(N)*P1 + P2)/P3 - L0)'^2
AlfaCalc = YO(N)*Al(N)/Lone(N)
Wa = (1.0-AlfaCalc)/(AlfaCalc'^2*X0(N)*A0(Nr2 
)
Sum(3) = Sum(3) + (Ka - Wa)^2
Sum(5) = Sum(5) + Y2(N)^2
NEXTN
V 3= N 9-1
F 0 R N = 1 T 0  3
Sig(N) = (Sum(N)A/3)^.5
NEXTN
Sig(5) = (A5/V3r.5 
Sonsager = B1*L0 + B2 
Eonsager = E l *L0 - E2 
RETURN
2540' SUBROUTINE KONE
SUMKl = 0.0
FORKl% = l T 0 3
SUMKl = SUMKl + 1.0
X l(l)  = X3(l) + D1(1)*(SUMK1 - 2.0)
GOSUB 1540
IF A 5<E5 THEN 2680
A5=E5
F 0 R M = 1 T 0  3 
X2(M) = X1(M)
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NEXTM 
FO R M = 1 T0N 9 
Y1(M) = Lone(M)
Y2(M) = Y0(M)-Y1(M)
NEXTM 
2680 NEXT Kl%
RETURN
2700 ' SUBROUTINE KTWO
SUMK2 = 0.0
F 0 R K 2 % = 1 T 0  3
SUMK2 = SUMK2 + 1.0
Xl(2) = X3(2) + D1(2)*(SUMBC2 - 2.0)
GOSUB 2540 
NEXTK2%
RETURN
'3000 ' SUBROUTINE KTHREE
'SUMK3 = 0.0
F 0 R K 3 % = 1 T 0  3
SUMK3 = SUMK3 + 1.0
Xl(3) = X3(3) + D1(3)*(SUMK3 - 2.0)
GOSUB 2700 
NEXTK3%
RETURN
'4000 'SUBROUTINE TO CHANGE PRINT 
OPTIONS
'PRINT
INPUT "PRINT OBSD & CALCD 
CONDUCTIVITIES? Y/N (default = N): "J.$
f f  L$ = "Y" OR L$ = "y" THEN 4050
L$ = "N"
4050 INPUT "PRINT CONCNS & ACT 
COEFFICIENTS ? Y/N (default = N): ",C$
IF C$ = "Y" OR C$ = "y" THEN 4075
C$ = "N"
4075 PRINT KEY(1) OFF: KEY(1) ON 
GOTO 940
RETURN
'5000 ' SUBROUTINE TO CHANGE LO,Ka 
AND R2 AND THEIR LIMITS"
PRINT
PRINT "OPTION TO CHANGE LO, Ka & R2. 
DEFAULT VALUES = PREVIOUS VALUES"
PRINT
INPUT "ENTER NEW VALUES FOR LO and 
STEP FORLO: "J.0,D1(1)
PRINT
INPUT "ENTER NEW VALUES FOR Ka and 
STEP FORKa: ",Ka,Dl(2)
PRINT
INPUT "ENTER NEW VALUES FOR R2 and 
STEP FOR R2: ",R2,D1(3)
PRINT
IFL0 = 0THENL0=X3(1)
IF Ka = OTHENKa = X3(2) 
f f  R2 = 0 THEN R2 = X3(3)
IF D l(l)  = 0 THEN D l(l)  = DL 
IF Dl(2) = 0 THEN Dl(2) = DK 
JF Dl(3) = 0 THEN Dl(3) = DR 
KEY(5) OFF: KEY(5) ON 
GOTO 620 
RETURN
'6000 ' SUBROUTINE TO RESET FUNCTION 
KEYS
PRINT:PRINT "FUNCTION KEYS RESET - 
PRESS A KEY TO RETURN TO 
CALCULATION"
PRINT
6010 AA$ = INKEYS: IF AAS = "" THEN 6010 
ELSE 6020
6020 KEY(1) OFF: KEY(5) OFF: KEY(9) OFF 
KEY(1) ON : KEY(5) ON : KEY(9) ON 
GOTO 620 
RETURN 
END
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The turbo basic language programme available at the Thermochemistry Laboratory 
which was used to calculate the molar conductance and the dissociation constant o f  
lithium coronand electrolytes in non-aqueous solution.
COLOR 14,12:CLS
LPRINT CHR$(27) "x" CHR$(0)
PRINT
PRINT"
PRINT" *
PRINT " * PROGRAM C0MP4B 
PRINT "  ^ Turbo BASIC version
PRINT" ______________________
PRINT
PRINT
PRINT " COMPLEX FORMATION CONSTANTS 
USING THE F-H EQUATION"
PRINT " SYSTEM MX + W for the following
equilibria"
PRINT
PRINT " M+ + X- = MX (Ka)"
PRINT
PRINT " W + M+ = MW+ (Kf)"
PRINT
PRINT" MW+ + W = MWX (Ka)"
PRINT
PRINT" VARIABLES AREL03,Kf,K2andR2."
PRINT " (LO, Ka known from independent MX data,
R2 FIXED)"
PRINT
PRINT" PIT-MAPPING METHOD
PRINT
ON KEY(I) GOSUB 4000 
KEY(I) ON
ON KEY(5) GOSUB 5000 : ON KEY(9) GOSUB 6000 
KEY(5)ON:KEY(9)ON
KEY ON 
COLORS 
KEY I,"ChgPrt"
KEY 5,"NuStep"
KEY9,"Reset"
COLOR 14
DEFDBLA-H
DEFDBLK-L
DEFDBLP-Z
DEFINTI-J
DEFINTM-O
LPRINT
LPRINT "Turbo BASIC PROGRAM COMP4B FOR 
REFINEMENT OF L03, Kf K2&R2IN THE MX + W 
SYSTEM"
LPRINT "LO & Ka known from independent MX data and 
R2 is fixed for each calcn"
LPRINT "F-H EQUATION WITH FERNANDEZ-PRINI 
EXPANSION & PIT-MAPPING"
LPRINT
" YO = obsd molar conductance, YI = calcd molar 
conductance, Y2 = YO-YI
' Xmx = total MX concn, Xw = total W concn. Concns of 
other ions/species are
' Cx = [X-], Cm = [M+], Cmx = [MX], Cmw = [MW+], 
Cw = [W], Cmwx = [MWX]
•DIM
Y0(50),YI(50),Y2(50),Xmx(50),Xw(50),AI(50),A2(50),A
tot(50),Alfa(50)
DIM Lone(50),Ltwo(50), Sum(7),Sig(7),A0(50),A00(50)
DIMXl(4),X2(4),X3(4),DI(4),D2(4),Astar(50),Lcalcd(50)
DIM
Cx(50),Cm(50),Cmwx(50),Cw(50),Cmx(50),Cmw(50)
PRINT
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LINE INPUT "ENTER PROBLEM INFORMATION: ",G$ 
LPRINT "♦♦♦♦* ";G$;" ****♦"
LPRINT DATES 
LPRINT 
NCALC% = 0 
PRINT
PRINT "READ DO, VISC, TEMP, ION CHARGE (z) read 
from DAT file"
READ DO, Vise, Temp, Z
PRINT
INPUT "READ NUMBER OF EQUATIONS (N9); ",N9
LPRINT USING "Diel Const = ##.###, Viscosity = 
#.######";DO,Visc
LPRINT USING "Temp = ###.##, ion charge z = 
#.#";Temp,Z
LPRINT "______________ "
LPRINT
PRINT
LINE INPUT "ENTER NAME OF SALT MX: ",MX$
LINE INPUT "ENTER NAME OF LIGAND W:
",Ligand$
PRINT
INPUT "ENTER ITERATION LIMIT FOR CONCNS 
(Alim): ",Alim
PRINT
'INPUT "ENTER LIMITING MOLAR CONDUCTIVITY 
FORM+ + X- (LO): ",L0
READLO
PRINT
'INPUT "ENTER ASSOCIATION CONSTANT FOR 
SALT MX (Ka): ",Ka
READKa
PRINT
INPUT "ENTER LIMITING COND FOR COMPLEX X- + 
MW+ (L03): ",L03
INPUT "ENTER STEP AND ITERATION LIMIT FOR 
L03 : ",D1(I), D2(I)
PRINT
INPUT "ENTER TRIAL FORMATION CONST OF 
LIGAND COMPLEX MX+(Kf): ",Kf
INPUT "ENTER STEP AND ITERATION LIMIT FOR 
Kf: ",DI(3),D2(3)
PRINT
INPUT "ENTER TRIAL ASSOC CONST FOR MW+ + 
X- (K2): ",K2
INPUT "ENTER STEP AND ITERATION LIMIT FOR 
K2: ",DI(2),D2(2)
PRINT
Qb = Z^2*2.30686I7E-II/(D0*Temp*2.76I244E-I6) 
PRINT USING "Note Bjerrum q = ###.#####";Qb 
PRINT
INPUT "ENTER VALUE FOR THE DISTANCE 
PARAMETER R2 (default R2 = q): ",R2
' INPUT "ENTER STEP and ITERATION LIMIT FOR 
R2: ",DI(2),D2(2)
IF R2 = 0 THEN R2 = Qb
PRINT
DL = DI(I)
DKF = DI(3)
DK2 = DI(2)
PRINT
INPUT "PRINT OBSD & CALCD 
CONDUCTIVITIES? Y/N (default = N): ",L$
IF LS = "Y" OR L$ = "y" THEN 250
LS = "N"
250 INPUT "PRINT CONCNS, ACT COEFFS & ALFA? 
Y/N (default = N): ",C$
IF C$ = "Y" OR C$ = "y" THEN 252
C$ = "N"
GOTO 255
252 PRINT
PRINT "OPTION TO PRINT INDIVIDUAL 
CONCNS (M+, X-, WX-, W, MWX)"
INPUT "TO PRINT, ENTER Y/N (default = Y): 
",Concn$
255 INPUT "PRINT Lambdal and lambda2 ? Y/N 
(default = N): ",T$
IF T$ = "Y" OR T$ = "y" THEN 260
T$ = "N"
260 PRINT
'LPRINT
202
Annex 4
LPRINT
330 LPRINT" ***** INITIAL INPUT DATA 
FOLLOW *****"
LPRINT
LPRINT "INITIAL NUMBER OF DATA POINTS = ";N9 
LPRINT
LPRINT USING "ITERATION LIMIT FOR CONCNS 
(Alim) = #.## '^' '^^";Alim
LPRINT
LPRINT "FOR SALT ";MX$
LPRINT USING "LIMITING MOLAR CONDUCTIVITY
LO = ###.#####";LO
LPRINT USING "ION PAIR ASSOCIATION 
CONSTANT Ka = #.#######^";Ka
LPRINT
LPRINT "FOR THE LIGAND ";Ligand$
LPRINT USING "LIMITING MOLAR CONDUCTIVITY 
FOR MWX L03 = ##.###";L03
LPRINT USING "STEP = ##.###, LIMIT = 
#.#####";DI(1),D2(I)
LPRINT
LPRINT USING "INITIAL FORMATION CONSTANT 
FOR WX(Kf) = # .# # # # ^ " ;K f
LPRINT USING "STEP = LIMIT =
#.#^";DI(3),D2(3)
LPRINT
LPRINT USING "INITIAL ASSOCIATION CONSTANT 
FOR MWX (K2) =
LPRINT USING "STEP = LIMIT =
#jaaaa".d i (2),D2(2)
LPRINT
LPRINT USING "DISTANCE PARAMETER R2 = 
##.#####";R2
LPRINT "______________________"
LPRINT "____________________ "
LPRINT
IF NCALC% = I THEN 620
" READ INPUT DATA FROM DATA FILE, EACH 
POINT HAS THE FOLLOWING 3 VALUES
' (I) Y0 = the obsd electrolytic conductance in S/cm or S 
cm2/mol
' (2) Xmx = total concentration of salt MX
' (3) Xw = total concentration of ligand W 
F0RI = IT 0N 9
READ YO(I),Xmx(I),Xw(I) ' YO is in units of S cm-1
or S cm2/mol
" If YO is in units of S cm-I, then include the following 
statement
" YO(I) = YO(I)*IOOO.O/)ùnx(I) 'convert to molar
conductivities
NEXT I
LPRINT
LPRINT" ****** EXPERIMENTAL DATA 
FOLLOWS ******"
LPRINT
FORJ=ITON9
LPRINT USING "L = ##.###, Con(salt) = # .######'^ , 
Con(ligand) = #.#####^";YO(J),Xmx(J),Xw(J)
NEXTJ
LPRINT "_______________________ "
LPRINT
'Adh = I824600.0/(D0*Temp)^I.5 ' DEBYE-
HUCKELA
BI = 820460.0*Z/'2/(D0*Temp)"T.5 
ONSAGERbetal
B2 = 82.487*Z/(Visc*(D0*Temp)^5)
0NSAGERbeta2
B3 = 50.29I6/(D0*Temp)^5 'DEBYE-
HUCKKELB
Qb=Z'^2*2.30686I7E-I l/(D0*Temp*2.761244E-16) '
Bjerrum q
El =2.94257EI2*ZM/(D0*Temp)^3 
E2 = 43324400.0*Z^3/(Visc*(D0*Temp)^2)
T1 = 2.0*EI*(LOG(B3*Qb) + 2.2824)
T2 = 2.0*E2*(3.6808 - 2.0*LOG(B3*Qb))
B9 = I67099.0*Z^2/(D0*Temp)
620X3(I) = L03 
X3(3) = Kf 
X3(2) = K2 
F O R I=IT 0 3 
XI(I) = X3(I)
NEXT I
" START CALCULATIONS
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'680 GOSUB 1180 
IF G5 = 1 THEN 1030
LPRINT "FINAL VALUES FOLLOW FOR ";NITER%;" 
ITERATIONS"
LPRINT
LPRINT USING "ERROR SUM SQUARED (A5) = 
< « « « « « " ;A 5 /I 0 0 0 .0
LPRINT 
GOSUB 2250
LPRINT USING "LO =###.####, sigma = 
##.####";LO,Sig(I)
LPRINT USING "L03 = # # .# # # , sigma = 
##.####";L03,Sig(4)
LPRINT
LPRINT USING "Ka = # .# # # # # # ^ , sigma = 
#.###^";Ka,Sig(2)
LPRINT USING "Kf=#J#####^^, sigma = 
#J##^";K f,Sig(6)
LPRINT USING "K2 = sigma =
#.###^";K2,Sig(5)
LPRINT
LPRINT USING "DISTANCE PARAMETER R2 =
###.####";R2
LPRINT
LPRINT USING "Stand Error of Estimate for 
CONDUCTANCE = #.####^^ «<<«";Sig(3)
LPRINT
LPRINT USING "FOR IONS JI = and J2 =
Sonsager = BI*LO + B2
LPRINT USING " S = # . # # # # ^  and E =
#.##### '^^^";Sonsager,Eone
LPRINT
LPRINT USING "FOR COMPLEX IONS J13 =
and J23 = #.######'^";JI3#,J23#
Sonsager = B1*L03 + B2
LPRINT USING " S = # .# # # # # ^  and E = 
#.#####''''^";Sonsager,Ethree
LPRINT
LPRINT USING "Bjerrum's Q = ###.#####";Qb 
LPRINT
LPRINT USING "Bjerrum's Q = ###.###";Qb
LPRINT
955 IF L$ = "N" OR L$ = "n" THEN 960 
LPRINT
LPRINT "OBSERVED AND CALCULATED MOLAR 
CONDUCTANCES"
LPRINT
FORI = ITON9
LPRINT USING "## Lobsd = #.######"^ and Lcalcd = 
#.######^";I,YO(I), YI(I)
LPRINT USING "difference (OBSD minus CALCD) = 
AND ERROR % 
###.####";Y2(I),I00*Y2(I)/YI(I)
LPRINT
NEXT I
960 IF C$ = "N" OR C$ = "n" THEN lOIO 
LPRINT
FORM I TON9
LPRINT USING "##, Xmx = #.########, Xw = 
#.########, act coeflf = #.######";L%nx(I), Xw(I),AO(I)
LPRINT USING " AI = #.#####, A2 = #.#####, Astar = 
#.#####";Al(I),A2(I),Astar(I)
LPRINT
NEXT I
PRINT
IF ConcnS = "N" OR ConcnS = "n" THEN 1010 
FORM1TON9
LPRINT USING "##, M = # .# # # # # ^ , X = 
#.#####^";I,Cm(I),Cx(I)
LPRINT USING" MX = # .# # # # # ^ , MW = 
#.#####^";Cmx(I),Cmw(I)
LPRINT USING" W MWX =
#.#####'^";Cw(I),Cmwx(I)
LPRINT
NEXT I
" CHECK FOR CORRECT CONCENTRATIONS
' FORM I TON9
CMTOT = Cm(I) + Cmx(I) + Cmw(I) + Cmwx(I)
CXTOT = Cx(I) + Cmx(I) + Cmwx(I)
CWTOT = Cw(I) + Cmw(I) + Cmwx(I)
LPRINT USING "##, TOTAL CM = 
#.######^";I,CMTOT
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LPRINT USING" TOTAL CX = # .# # # # # # ^  
";CXTOT
LPRINT USING " TOTAL W =
";CWTOT
LPRINT
NEXT I
lOIO IF T$ = "N" OR T$ = "n" THEN 1040 
LPRINT
LPRINT " Lambdal Lambda2 [ligand]/[salt]" 
LPRINT
FORM I TON9 
Lambdal = Astar(I)*Lone(I)
Lambda2 = (I.O - Astar(I))*Ltwo(I)
Ratio = Xw(I)/Xmx(I)
LPRINT USING"##, ###.###, ###.###,
##.####";I,LambdaI,Lambda2,Ratio
LPRINT
NEXT I
GOTO 1040
1030 LPRINT "PROBLEM DID NOT CONVERGE 
AFTER ";NITER%; "ITERATIONS"
PRINT
PRINT "PROBLEM DID NOT CONVERGE AFTER 
";NITER%;" ITERATIONS"
PRINT
1031 PRINT "DO YOU WANT TO CONTINUE CALCS 
WITH NEW STEP VALUES?"
INPUT "ENTER Y/N (default = Y): ",Cont$
IF ContS = "N" OR ContS = "n" THEN 1040
1033 PRINT
INPUT "ENTER NEW STEP VALUE FOR L03 
(default = initial value): ",D1(I)
INPUT "ENTER NEW STEP VALUE FOR Kf 
(default = initial value): ",DI(3)
INPUT "ENTER NEW STEP VALUE FOR K2 
(default = initial value): ",DI(2)
IF D1(I) = 0 THEN D1(I) = DL
IF DI(3) = 0 THEN DI(3) = DKF
IF DI(2) = 0 THEN DI(4) = DK2
GOTO 620
1040 LPRINT "
1050 PRINT
PRINT "DO YOU WANT TO REPEAT CALCULATION 
WITH NEW R2 AND/OR LO VALUES?"
INPUT "ENTER Y/N (default = Y): ",RS
IF RS = "N" OR RS = "n" THEN 1160
LTEMP = LO: LTEMP3 = L03
PRINT
INPUT "ENTER NEW VALUE FOR LO (default = 
previous value): ",L0
INPUT "ENTER NEW VALUE FOR L03 (default = 
previous value): ",L03
INPUT "ENTER NEW STEP VALUE, dL03 (default = 
previous value): ",DI(I)
IF LO = 0 THEN LO = LTEMP
IF L03 = 0 THEN L03 = LTEMP3
IF DI(I) = 0 THEN DI(I) = DL
PRINT
KtempI = Ka : :Ktemp = X3(3): Ktemp2 = X3(2) : RTEMP 
= R2
INPUT "ENTERNEW VALUE FORKa (default = 
previous value): ",Ka
INPUT "ENTER NEW VALUE FOR Kf (default = 
previous value): ",Kf
INPUT "ENTER NEW VALUE FOR K2 (default = 
previous value): ",K2
INPUT "ENTER NEW VALUE FOR R2 (default = 
previous value): ",R2
IFKa = OTHENKa = KtempI
IF K2 = 0 THEN K2 = Ktemp2
IF Kf = 0 THEN Kf = Ktemp
IFR2 = 0 THEN R2 = RTEMP
X3(I) = L03: X3(2) = K2 : X3(3) = Kf
PRINT
NTEMP = N9
PRINT
PRINT "PRESENT NUMBER OF DATA POINTS IS 
";N9;" THIS IS THE DEFAULT VALUE"
INPUT "ENTER NUMB OF DATA POINTS FOR THIS 
CALCN: ",N9
IF N9 = 0 THEN N9 = NTEMP 
Dl(2) = DR2
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D1(3) = DKF 
LPRINT
LPRINT USING "REPEAT CALCN WITH ## DATA 
POINTS";N9
LPRINT
NCALC%=I
GOTO 330
1160 END
1180 ' SUBROUTINE MIN 
'G5 = 0
F 0 R M I T 0 4  
X 1(I) =  X 3(I)
X2(I) = X3(I)
NEXT I 
GOSUB 1540 
A5 = E5 
NITER% = 0 
CLS
1270 NITER% = NITER% + I 
PRINT "FOR ITERATION No. ";NITER%
PRINT USING "ERROR SUM SQUARED A5 =
#.#######^^ < « « « « « « " ; A 5 /I 0 0 0 .0
PRINT USING "LO = ###.###, Ka = #.#####^";L0, 
Ka
PRINT USING "L03 = ###.####, STEP = 
###.######";X3(1),DI(I)
PRINT USING "Kf = # .# # # # # ^ , STEP = 
#.###/r^"pO(3),DI(3)
PRINT USING "K2 = #.#####^^, STEP = 
#.####^";X3(2),DI(2)
PRINT USING "R2 =###.####";R2
CMTOT = Cm(I) + Cmx(I) + Cmw(I) + Cmwx(I)
CXTOT = Cx(I) + Cmx(I) + Cmwx(I)
CWTOT = Cw(I) + Cmw(I) + Cmwx(I)
PRINT USING "Pt I TOTALS M = # .# # # # ^ ,X  =
W = #.####^";CMTOT,CXTOT,CWTOT
CMTOT = Cm(N9) + Cmx(N9) + Cmw(N9) + 
Cmwx(N9)
CXTOT = Cx(N9) + Cmx(N9) + Cmwx(N9)
CWTOT = Cw(N9) + Cmw(N9) + Cmwx(N9)
PRINT USING "Pt m, TOTALS M = X =
w =
#.####'^";N9,CMTOT,CXTOT,CWTOT
PRINT
"ITERATIONS LIMIT SET AT 150 
'IF NITER% >11150 THEN G5 = I 
IF G5 = I THEN 1530 
GOSUB 2540 
GOSUB 2700 
GOSUB 2760
" STORE RESULTS FOR FINAL VALUES 
' F 0 R M IT 0 3
IF ABS(X3(I)-X2(I)) >= DI(I) THEN 1460
IF D1(I)>D2(I) THEN 1440
GOTO 1470
I440DI(I) = DI(I)/2.0
GOTO 1470
1460 DI(I) = 2.0*DI(I)
I470X3(I) = X2(I)
NEXT I 
L03=X3(I)
Kf=X3(3)
K2 = X3(2)
IF DI(I) > D2(I) THEN 1270 
IF DI(2) > D2(2) THEN 1270 
IF DI(3) > D2(3) THEN 1270 
1530 RETURN
'1540 ' SUBROUTINE ERROR
" CALCULATE ALFA BY NEWTON-RAPHSON 
METHOD AND
' CALCULATE CONDUCTANCES FROM PRESENT 
VALUES OF LO, Ka, Kt and R2
" AO = ACTIVITY COEFFICIENT
' AI = DEGREE OF DISSOCIATION (alfal) for MX
' A2 = DEGREE OF DISSOCIATION (alfa2) for MWX
'I650FORM ITON9
AO(I) = 0.9 ' GUESS AT THE
ACITIVITY COEFFS
Cx(I) = Xmx(I)*0.9875 ' GUESS AT [X-]
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Cm(I) = Xmx(I)*0.969 ' GUESS AT [M+]
NEXTI '
1680 FORM 1 TO N9
'NOTE! X1(1) = L03, X1(2) = K2 & Xl(3) = Kf
'1690 C5 = Cx(I) ' TOTAL IONIC
STRENGTH (1:1 SALTS)
C6 = Cm(I) ' INITIAL VALUE OF [M+]
IF XI(3) < 0 THEN GOSUB 5000
PRINT USING "FOR POINT ##, C5 = -#.###^";I,C5
IF C5 => 0 THEN 1691
PRINT USING "FOR POINT ##, C5 = - 
#.###^";I,C5
GOSUB 5000
I69IU  = -Adh*Z^2*C5^5/(l + B3*Qb*C5^5)
AO(I) = EXPIO(U) 'MEAN MOLAR
ACTIVITY COEFFICIENT
" NOTE! XI(I) = L03, XI(2) = K2, XI(3) = Kf '
Kstar = A0(I)^2*(Ka - Xl(2))
SA = A0(I)^2*X1(2)*X1(3) ' Small a
SB = SA + A0(I)^2*Ka*Xl(3) ' Small b
SC = SA*A0(I)/'2*Ka ' etc.
SD = SA*(Xw(I) - Xmx(I)) + A0(I)^2*Ka
SE = 1.0 + Xl(3)*(Xw(I) - Xmx(I))
SG = A0(I)''2*X1(2)
SH = I.0-2.0*SG*Xmx(I)
P6 = SC*SG^2
P5 = SB*SG^2 + 2.0*SC*SG
P4 = SG^2*XI(3) + 2.0*SB*SG + SC*SH- 
SD*SG*Kstar
P3 = 2.0*SG*X1(3) + SB*SH - 2.0*SC*Xmx(I) - 
Kstar*(SD + SE*SG)
P2= SC*Xmx(I)^2+SH*Xl(3)- 
2.0*SB*Xmx(I)+Kstar*(SD*Xmx(I)-SE) - Xmx(I)*Kstar^2
PI = SB*Xmx(I)'^2 - 2.0*Xmx(I)*XI(3) + 
SE*Xmx(I)*Kstar
IF Ka = XI(2) THEN 1710 Tor special case when
Ka = K2
Fx = P6*C5'^ + P5*C5' 5^ + P4*C5M + P3*C5^3 + 
P2*C5^2 + PI*C5 + Xmx(I)^2*XI(3)
Dfx = 6.0*P6*C5^5 + 5.0*P5*C5 '^4 + 4.0*P4*C5^3 + 
3.0*P3*C5^2 + 2.0*P2*C5 + PI
Cx(I) = C5 - Fx/Dfx
IF ABS(C5 - Cx(I)) > Alim THEN 1690
GOTO 1790
'I7I0 Cx(I) = (-1.0 + (I.0 + 
4.0*A0(I)^2*K2*Xmx(I))^5)/(2.0*A0(I)^2*K2)
'1790 ' CALCULATE REMAINING 
CONCENTRATIONS ETC.
' PartA = Xl(3) + Cx(I)*A0(I)^2*Ka*XI(3)
PartB =1.0 + XI(3)*(Xw(I) - Xmx(I))
Parte = -Cx(I)
Cm(I) = (-PartB + (PartB^2 - 
4.0*PartA*PartC)^5)/(2.0*PartA)
Cmx(I) = Cx(I)*Cm(I)*A0(I)^2*Ka
Top = Cm(I)*Xw(I)*XI(3)
Bottom = 1.0 + Cm(I)*Xl(3) + 
Cm(I)*Cx(I)*A0(I)^2*XI(4)*XI(3)
Cmw(I) = Top/Bottom
' Cmw(I) = Cx(I) - Cm(I)
Cw(I) = Cmw(I)/(Xl(3)*Cm(I))
Cmwx(I) = Cmw(I)*Cx(I)*A0(I)^2*XI(2)
IF Cmwx(I) < 0 THEN Cmwx(I) = 0
Astar(I) = Cm(I)/Cx(I)
A1(I) = Cm(I)/(Cm(I) + Cmx(I))
IF Xw(I) > lE-IO THEN 1776
A2(I) = 0
GOTO 1777
1776 A2(I) = Cmw(I)/(Cmw(I) + Cmwx(I))
1777 NEXT I 
NCALC%=1
'1798 ' CALCULATE CONDUCTANCES 
'F = B9/R2
H3 = .9571/F^3 + I.II87/F^2 + .1523/F
H4 = (.5738*F^2 + 7.0572*F - 2.0/3.0)/F^3 - .6461
H5 = E2*B2*(4.0/(3.0*F) - 2.2I94)/L0
H53 = E2*B2*(4.0/(3.0*F) - 2.2I94)/XI(I)
T3 = 4.0*EI*H3*L0 
T33 = 4.0*EI*H3*X1(I)
T4 = 2.0*E2*H4 
JI# = L0*TI + T2
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J13# = X1(1)*T1 + T2 
J2# = B3*B9*(T3 + T4) - H5 
J23# = B3*B9*(T33 + T4) -H53 
Eone = E1*L0 - E2 
Ethree = E l*X l(l)-E 2
' CALCULATIONS OF SALT AND COMPLEX SALT 
CONDUCTIVITIES (LI AND L2)
E5 = 0
" Lone FOR CONTRIBUTION OF MX = M+ + X- 
'FORJ = ITON9
Cp = Cx(J) ' TOTAL IONIC STRENGTH
a  = Cx(J)
PI=(BI*LO + B2)*Cp^5
P2 = Eone*Cp*LOG(Cp)
P3 = JI#*Cp-J2#*Cp^I.5
Lone(J) = AI(J)*(LO - PI + P2 + P3)
' CALCULATION OF Ltwo FOR THE COMPLEX (X- + 
MW+)
QI = (BI*XI(I) + B2)*œ.5
Q2 = Ethree*a*LOG(Q)
Q3 = JI3#*a - J23#*œi.5
Ltwo(J) = A2(J)*(X1(I)-Q1+Q2 + Q3)
Lcalcd(J) = Astar(J)*Lone(J) + (1.0 - Astar(J))*Ltwo(J)
' CALCULATE ERROR
Ldiff =YO(J)-Lcalcd(J)
E5 = E5+Ldiff'2 'ERROR SUM
SQUARED
NEXTJ
E5 = E5*IOOO.O
RETURN
2250 ' SUBROUTINE DEVIATION
' CALC STANDARD DEVIATIONS AND STND 
ERROR OR ESTIMATE FOR lamda
FO R N =I T 0  6
Sum(N) = 0.0
Sig(N) = 0.0
NEXTN 
'FORN = ITON9
Cp = Cx(N) 
STRENGTH
TOTAL IONIC
PI = 1.0 - BI*Cp^5 + EI*Cp*LOG(Cp)
P2 = E2*Cp*LOG(Cp) + B2*Cp^5 - JI#*Cp + 
J2#*Cp^I.5
Sum(I) = Sum(I) + ((Lone(N)/Al(N) + P2)/PI - L0)^2 
KaCalcd = Cmx(N)/(Cm(N)*Cx(N)*A0(N)^2)
Sum(2) = Sum(2) + (Ka - KaCalcd)^2 
Sum(3) = Sum(3) + Y2(N)^2 
NEXTN 
V3= N9- I  
F 0 R N = I T 0  3 
Sig(N) = (Sum(N)/V3r.5 
NEXTN
' NOTE! For titm of salt sin into ligand sin, change 
following to N = 2 TO N9
FORN = lTON9
Ct = Cx(N)
Q2 = E2*a*L0G(a) + B 2*œ .5 -JI3#*Ct + 
J23#*œi.5
Q3 = 1.0 - B I*œ .5  + El*Ct*LOG(Ct)
Sum(4) = Sum(4) + ((Ltwo(N)/A2(N) + Q2)/Q3 - 
L03r2
A2Calcd = (YO(N) - Astar(N)*Lone(N))/(Ltwo(N)*(I.O 
-Astar(N))/A2(N))
K2Calcd = (1.0 - A2Calcd)/(A2Calcd*Cx(N)*A0(N)^2)
Sum(5) = Sum(5) + (K2 - K2Calcd)^2
AstarCalcd = (YO(N) - Ltwo(N))/(Lone(N) - Ltwo(N))
KfCalcd = A2Calcd*(I.O - AstarCalcd)
KfCalcd - KfCalcd/(Xw(N)*A2Calcd*AstarCalcd - 
Cm(N)*(I.O - AstarCalcd))
Sum(6) = Sum(6) + (Kf - KfCalcd)^2
NEXTN
' NOTE! For titm of salt sin into ligand sin, change 
following to V3 = N9 - 2
V3 = N9-1
F0RN = 4 T 0 6
Sig(N) = (Sum(N)A/3)^5
NEXTN
RETURN
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2540' SUBROUTINE KONE 
SUMKl = 0.0 
F0RK1%=1T0 3 
SUMKl = SUMKl + 1.0 
XI(1) = X3(l) + D1(1)*(SUMK1 - 2.0)
GOSUB 1540 
IF A5 < E5 THEN 2680 
A5=E5  
F 0 R M = 1 T 0 4  
X2(M) = XI(M)
NEXTM
FORM=ITON9  
YI(M) = Lcalcd(M)
Y2(M) = Y0(M)-YI(M)
NEXTM 
2680 NEXT Kl%
RETURN
2700 ' SUBROUTINE KTWO 
SUMK2 = 0.0 
FORK2%=IT03  
SUMK2 = SUMK2 + 1.0 
Xl(2) = X3(2) + DI(2)*(SUMK2 - 2.0) 
GOSUB 2540 
NEXT K2%
RETURN
2760 ' SUBROUTINE KTHREE 
SUMK3 = 0.0 
F0RK3%=IT0 3 
SUMK3 = SUMK3 + 1.0 
XI(3) = X3(3) + DI(3)*(SUMK3 - 2.0) 
GOSUB 2700 
NEXT K3%
RETURN
3000 ' SUBROUTINE KFOUR
' INCLUDE THIS SUBROUTINE IF A FOURTH 
VARIABLE IS USED (e.g. K2c)
'SUMK4 = 0.0
F0RK4%=IT0  3
SUMK4 = SUMK4 + I.O
Xl(4) = X3(4) + DI(4)*(SUMK4 - 2.0)
GOSUB 2760 
NEXT K4%
RETURN
4000 ' SUBROUTINE PrintOptions 
PRINT
PRINT "CHANGE PRINTING OPTIONS "
PRINT
INPUT "PRINT OBSD & CALCD 
CONDUCTIVITIES? Y/N (default = N): ",L$
IF L$ = "Y" OR L$ = "y" THEN 4250
L$ = "N"
4250 INPUT "PRINT CONCNS, ACT COEFFS &
ALFA? Y/N (default = N); ",C$
IF C$ = "Y" OR C$ = "y" THEN 4252
C$ = "N"
PRINT
GOTO 4255
4252 PRINT
PRINT "OPTION TO PRINT INDIVIDUAL 
CONCNS (M+, X-, WX-, W, MWX)"
INPUT "TO PRINT, ENTER Y/N (default = Y): 
",Concn$
PRINT
4255 INPUT "PRINT Lone, Ltwo AND PERCENT Ltwo? 
Y/N (default = N): ",T$
IF T$ ="Y" OR T$ = "y" THEN 4260
T$ = "N"
4260 PRINT
PRINT
KEY(l)OFF:KEY(I)ON
GOTO 955
RETURN
5000 ' SUBROUTINE TO CHANGE VARIABLES & 
ITERATION LIMITS
PRINT
KEY(5) OFF: KEY(5)ON
INPUT "CHANGE L03, Kf and/or K2 ? ENTER Y/N 
(default = N): ",CL$
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IF CL$ = "Y" OR CL$ = "y" THEN 5050 
CL$ = "N": GOTO 5100
5050 LTEMP = X3(I): RTEMP = R2 : FTEMP = X3(3): 
KTEMP2 = X3(2)
PRINT
INPUT "ENTER NEW VALUE FOR L03 (default = 
previous value): ",L03
PRINT
INPUT "ENTER NEW VALUE FOR Kf (default = 
previous value): ",Kf
PRINT
INPUT "ENTER NEW VALUE FOR K2 (default = 
previous value): ",K2
PRINT
INPUT "ENTER NEW VALUE FOR R2 (default = 
previous value): ",R2
PRINT
IF L03 = 0 THEN L03 = LTEMP: X3(I) = L03 
IF K2 = 0 THEN K2 = KTEMP2: X3(2) = K2 
IF Kf = 0 THEN Kf = FTEMP : X3(3) = Kf 
IFR2 = 0 THEN R2 = RTEMP 
5100 PRINT
INPUT "CHANGE ITERATION LIMITS? enter Y/N 
(default = N): ",Lim$
IF Lim$ = "Y" OR Lim$ = "y" THEN 5250
GOTO 5500
5250 PRINT
Liml = D2(I): Lim2 = D2(2): Lim3 = D2(3)
PRINT
INPUT "ENTER ITERATION LIMIT FOR L03 (default = 
initial value): ",D2(I)
INPUT "ENTER ITERATION LIMIT FOR Kf (default = 
initial value): ",D2(3)
INPUT "ENTER ITERATION LIMIT FOR K2 (default = 
initial value): ",D2(2)
IF D2(I) = 0 THEN D2(I) = Liml
IF D2(2) = 0 THEN D2(I) = Lim2
IF D2(3) = 0 THEN D2(3) = Lim3
5500 PRINT
NCALC%=I
IF C5=>0 THEN 5555
FORM I TON9
Cx(I) = Xmx(I)*0.99 ' GUESS AT [X-]
Cm(I) = Xmx(I)*0.97 ' GUESS AT [M+]
NEXT I
5555 GOTO 1033
RETURN
'6000 ' SUBROUTINE TO RESET FUNCTION KEYS 
AND RETURN TO BEGINNING OF CALCN
'KEY(I) OFF: KEY(5) OFF: KEY(9) OFF
KEY(l) ON : KEY(5) ON : KEY(9) ON
GOTO 620
RETURN
END
210
Correction list
iii) them to more
v) 1.4, I.4.O.I. to 1.4.1, 1.4.0.2. to 1.4.2., I.4.O.3. to 1.4.3.
P. 1 Abstract, paragraph 2, line 4, cefuroxime to cephalothin
P.2 mid page, line 1, make difficult to make it difficult
P.3 line 6 , sructure to structure
P.4 paragraph 2, if both, to if both
P.4 paragraph 3, line 5, less to more
P.7 Table 1.3 monactin 120.3 to 120.2, dinactin 1 to 15.8
P.8 line 2 , 3.50 to 3.9
P .8 line 4, cations to cations.
P .8 line 9, producing an steric effect which unables to producing a steric effect 
whcih unable
P.12 Table 1.5, Li (MeOH) -20.5 to -20.6, K(DMF) -41.7 to -41.6,
Li(PC) -65.0 to -65.1, Rb(PC) -41.7 to -41.6.
P. 13 eqn.1.4, with on the right hand side 
P. 13 Table .6 , title end add ref^ .^
P. 14 Table 1.7, Li: 31.4 to 31.3, K: 10.2 to 10.3, Rb: 6.3 to 6.2, Li: 44.0 to 43.9, 
Rb: 6.3 to 6.2 
P. 15 Figure 1.7 Y-title missing 2 x Delta 
P. 17 line 11, explain to explains 
P. 17 line 14, instead six to instead of six 
P.18Figurel.lO , A )to A).
P. 19 alpha-cd: 6 to 6.0, 6 to 6.0, beta-cd: 12 to 12.0, 11 to 11.0.
P. 19 paragraph 2, line3, 12 to 12.0, line 6 , 11 to 11.0 
P.19 Table 1.10  beta-cd: 1.63xlO-i to 1.63x10-2 
P.20 Table 1 .11 , for there given to from given 
P.20 bottom line, 1.6 to 1.5 
P.22 paragraph 2, line 4, alkaloids to alkaloid 
P.22 paragraph 2, line 6 , et aP"^ , to etaP"^ .
P.24 line 2, propranolol to propranolod 
P.26 Table 4.7 to Table 1.7 
P.27 Figure 1.15
P.28 Table 1.18, sulfadiazine 0.01 to -0.01, sulfadimethoxine -9.39 to -9.16 
P.28 mid page, thermocynamic to thermodynamic 
P.29 2 paragraph, line 4, Namor et al to Namor et al^ °
P.30 1.3.1., line 1, In most case, to In most case 
P.32 Figure 1.18, add ref^ ^
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P.131 Table 3.38 A ^ ° 18.96 ±0.55 to 18.96 ±0.54
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